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THIAZOLES 
III. INFRARED SPECTRA OF METHYLTHIAZOLES:.’ 


ALFRED TAURINS,’ J. G. E. FENYES, AND R. NORMAN JONES 


ABSTRACT 


The infrared absorption spectra of thiazole, all three monomethylthiazoles, and two 
dimethylthiazoles have been measured in the liquid phase. 


The infrared absorption spectra of substituted thiazoles have been studied only to a 
limited extent. Randall, Fowler, Fuson, and Dangl (4) measured the infrared absorption 
of 4,5-dimethyl-2-mercapto- (I), 2-amino- (II), 2-mercapto-4-phenyl- (III), and 2-amino- 
4-(p-biphenyl)thiazole (IV) in the range of 3510 to 1200 cm.—', and in each case attri- 
buted two bands of the spectrum to absorption by the thiazole ring: 

compound I 1623 cm.~! (6.16 w) and 1479 cm. (6.76 yu), 
compound II 1626 cm.~ (6.16 w) and 1515 cm.— (6.60 4), 
compound III 1570 cm.~! (6.37 uw) and 1493 cm. (6.70 wu), 
compound IV 1634 cm.~! (6.12 4) and 1538 cm.— (6.50 y). 


The infrared spectra of several N-acetyl derivatives of 2-amino-alkylthiazoles and 
the sulphonic acid of 2-amino-4-methylthiazole have been investigated by Bogomolov, 
Sheinker, and Postovskii (1). 

We studied for the first time the infrared absorption spectra of thiazole (V) and the 
2-methyl, 4-methyl, 5-methyl, 2,4-diamethyl, and 2,5-dimethyl derivatives (VI-X). 
These compounds were synthesized by known methods (2), purified by fractional dis- 


| am Sd 


tillation, dried over barium oxide, and redistilled immediately prior to use. The spectra, 
shown in Figs. 1-6, were measured on the liquid samples using a Perkin-Elmer double 
beam spectrophotometer (Model 21) with sodium chloride prism. The positions of the 
absorption maxima are listed in Table I. Different preparations of the same compound 


1 Manuscript received January 17, 1957. 

Contribution from the Division of Pure Chemistry, National Research Council, Ottawa, and Department 
of Chemistry, McGill University, Montreal, Quebec, with financial assistance from the National Research 
Council. 

Issued as N.R.C. No. 4284. 

2Part II of this series by Kasman, S. and Taurins, A. Can. J. Chem. 34, 1261 (1956). 

3N.R.C. Visiting Professor. 
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Fic. 1. (a) Thiazole, liquid, 0.025 mm. layer. (b) Thiazole, liquid, capillary film. 
Fic. 2. 2-Methylthiazole, liquid, 0.025 mm. layer. 
Fic. 3. 4-Methylthiazole, liquid, 0.025 mm. layer. 
Fic. 4. 5-Methylthiazole, liquid, 0.025 mm. layer. 


showed broad absorption of varying intensity in the region between 3650 and 3300 cm."'; 
this was attributed to traces of residual moisture in the samples, and is indicated by 
dashed lines in the figures. 
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Fic. 5. 2,4-Dimethylthiazole, liquid, 0.025 mm. layer. 
Fic. 6. 2,5-Dimethylthiazole, liquid, 0.025 mm. layer. 


Comparison of spectra of thiazole and methylthiazoles with those of benzene and 
alkylbenzenes (3) show a general similarity, since both contain aromatic ring systems. 
The absorption bands of thiazole (V) and methylthiazoles (VI—X) can be classified as 
follows: 

(a) The Region 3110-3050 cm. 

Thiazole and five methylthiazoles, like aromatic hydrocarbons, exhibit C—H stretching 
vibrations in this region. 

(b) The Region 2980-2810 cm. 

These bands are given by symmetric and asymmetric vibrations of the methyl groups. 
Thiazole itself has no bands in this region. 

(c) The Region 2750-1755 cm. 

There are a few bands in the spectra of thiazole and 2-methylthiazole in this region. 
These bands are weak and could be studied to greater advantage at greater sample 
thickness. It is probable that bands in this region arise from overtone and combination 
tone vibrations. 

(d) The 1690-1480 cm. Region 

These bands may be assigned to skeletal vibrations of the thiazole ring. They have 
been found in spectra of four substituted thiazoles (I-IV) (4), and are similar to bands 
observed in the infrared spectra of aromatic hydrocarbons. 

(e) The Region 1445-1375 cm. 

Usually, bands at 1458 and 1376 cm.— arise by antisymmetric and symmetric deforma- 

tion vibrations of the methyl group C—CH3. The absorption in this spectral region is 


. 
| 
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TABLE I 
POSITIONS OF ABSORPTION MAXIMA (CM.~!) IN THE INFRARED SPECTRA OF THIAZOLES 
(Spectra measured in the liquid state) 











2-Methyl- 4-Methyl- 5-Methyl- 2,4-Dimethyl- 2,5-Dimethyl- 
Region* Thiazole thiazole thiazole thiazole thiazole thiazole 
a 3090 vst 3110 3090 ms 3090 m 3100 m 3090 
3090 ms 3060 w 
b _— 2970 2970 m 2960 w 2960 s 2960 
2930 m 2923 s 
2932 m 2935 m 2937 vs 
2860 w 2870 w 2860 w 2865 s 2862 m 
2810 v 
c 2760 w 1755 w 2740 vw 2740 vw 
2260 w —_ —_ 2440 vw 
1775 w 
d 1615 m 1605 w 1610 1530 s 1690 w 1675 w 
1520 vs 
1485 vs 1505 vs 1620 w 1537 s 
1485 w 1530 vs 1482 s 
1480 vs 
e 1385 vs 1435 vs 1445 vs 1445 m 1445 vs 1445 vs 
1413 s 1414 vs 1405 s 1380 vs 1402 w 
1376 ms 1375 s 1376 ms 
ij 1320 vs 1310 ms 1340 vw 1305 vw 1305 vs 1290 ms 
1240 vs 1285 vw 1307 vs 1240 s 1220 vw 1210 
1188 vs 
1210 m 1235 w 1175s 1185 vs 
1187 vs 1220 w 
1185 w 
g 1120 vs 1160 vs 1135 m 1107 s 1140 vs 1160 vs 
1075 vw 1095 w 1115 1035 w 1035 1035 w 
1037 m 1015s 
1040 vs 1055 m 990 vw 990 m 
995 ms 940 vs 
935 vw 966 m 960 s 
970 vw 
930 ms 
930 vs 
h 880 vs 874s 875 vs 870 vs 853 vs 840 vs 
860 vs 830 m 830 vs 3 720 vs 757 s 
785 s 
800 vs 810 m 807 vs 665 s 673 vw 
720 vs 763 s 727 s 652 s 
717 vs 670 m 
641 m 





*See text; points of inflection are italicized. 
vs =very Strong; s=strong; ms =medium strong; m=medium; w=weak; vw=very weak. 


shown not only by methylthiazoles, but by thiazole as well (strong band at 1385 cm.—). 
It must be concluded that bands at 1445 and 1435 cm.—! arise only by absorption of 
CH; groups, but that bands at 1375-1385 cm.~' are given by the thiazole skeleton 
_ in addition to the methyl groups. 

(f) The Region 1340-1175 cm.“ 

Since the absorption bands of this region, with the exception of bands 1192-1175 cm.—, 
are present in the spectra of all thiazoles, they must be assigned to skeletal vibrations 


TAURINS ET AL.: THIAZOLES, III 427 


of the thiazole ring. The bands at 1192-1175 cm.-! may be attributed to the skeletal 
CH;—C vibrations. 
(g) The 1160-930 cm. Region 

The bands of this region are characteristic thiazole ring vibrations. 
(h) The Low Frequency (900-640 cm.—') Region 

The more prominent of these bands are probably associated with out-of-plane bending 
vibrations of the C—H groups of the thiazole ring. The number of absorption maxima 
varies from three (for VIII, IX, and X) to four (V) to five (VII) and six (VI). There 


is no correlation between the number of unsubstituted H atoms attached to the thiazole 
ring and number of bands. 
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THE RATE CONSTANT OF THE REACTION BETWEEN FERROUS IONS AND 
HYDROGEN PEROXIDE IN ACID SOLUTION! 


T. J. HARDWICK 


ABSTRACT 


Identical values of the bimolecular rate constant of the ferrous ion — hydrogen peroxide 
reaction were obtained from intercomparisons of the methods previously used in following 
this reaction. In perchloric acid the bimolecular rate constant is unaffected by acid con- 
centration; in sulphuric acid it increases slightly in acid concentrations above 10-2? N. The 
results agree with and explain the differences between those obtained by Baxendale and by 
Dainton, but are only in marginal agreement with those recently reported by Weiss. 


INTRODUCTION 
In acid solution ferrous ions react with hydrogen peroxide in a two step process: 


Fe*+ +H:,O. — Fe*+++OH+O0OH-, [1] 

Fet++OH — Fet+++OH-. [2] 
All side reactions are eliminated if the equivalent concentration of hydrogen peroxide 
is less than that of ferrous ion and if the solutions are free from organic contaminants 
(1). Reaction [2] is rapid; reaction [1] is the rate-controlling step. Under these con- 
ditions the reaction is second order. The rate of disappearance of hydrogen peroxide is 
equal to one half the rate of ferric ion production: 


[A] —d[H.O,]/dt = 3d{[Fet+*++]/dt = ko[Fe+*][H2O.]. 
In the integrated form this equation becomes 

[B] kot = [2.303 /(a—20)] log [2b(a—x) /{a(2b—x)}], 
where 


a is the initial concentration of ferrous ion, 

b is the initial concentration of hydrogen peroxide, 

x is the concentration of ferric ion produced in time f, 

ky is the bimolecular rate constant. 

Experimental values of ko obtained in various investigations differ considerably, and 
some disagreement exists as to the value of the activation energy. A summary of pub- 
lished values is given in Table I; comments on these experiments are made below. 

Haber and Weiss (5) used large volumes of solution (~2 liters) and quenched the 
reaction by the addition of acid permanganate. The extent of the reaction was calculated 
from the amount of permanganate reduced. At the reactant concentrations used ({[Fe*+*] = 
3X10-* M, [H.O.] = 5X10-* M) the reaction time before quenching was usually about 
fourteen seconds, at which time about one half of the hydrogen peroxide had disappeared. 
Since complete mixing of volumes of this magnitude requires several seconds, it is likely 
that there is considerable error in estimating the reaction time. 

Baxendale, Evans, and Park (2) followed the reaction by measuring the disappearance 
of ferrous ion. At a given time the reaction was quenched by the addition of a solution 

1Manuscript received December 3, 1956. 


Contribution from the Research Chemistry Branch, Atomic Energy of Canada Limited, Chalk River, Ontario. 
Issued as A.E.C.L. No. 427. 
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containing acetate buffer, aa’-dipyridyl, and fluoride ion. The ferrous ion was chelated 
by the aa’-dipyridyl at pH 4-7, forming a stable complex whose color is suitably intense 
for colorimetric analysis, while the fluoride ion formed a complex with the ferric ion, 
inhibiting the slow reduction of ferric ion by hydrogen peroxide. 

Barb et al. (1) repeated this work later (1951) using the same experimental technique, 
but covering a much wider range of acid and reactant concentrations. The value of the 
bimolecular rate constant at 20° C. was found to be about 20% lower in the later work. 
Baxendale explained this by remarking that the importance of the complete exclusion 
of organic materials was not fully appreciated in his early work. Since rigorous purifi- 
cation procedures were used in the 1951 experiments more confidence was put in the 
later value. 

Dainton and Sutton (4) measured & in 0.8 N sulphuric acid. They followed the reaction 
(a) by measuring the ferrous concentration after quenching with acetate buffer and 
o-phenanthroline (cf. aa’-dipyridyl) and (6) by adding excess ceric ion which oxidized 
both ferrous ion and hydrogen peroxide. In the latter case, the amount of ferric ion 
produced may be calculated from the measured decrease in ceric ion concentration. 
Within experimental error the same value of ky was obtained by both methods. This 
value agrees with Baxendale’s 1946 value. 

Taylor and Weiss (8) and Rigg, Taylor, and Weiss (6, 7) carried out the reaction in a 
spectrophotometer cell, maintained at constant temperature, and measured directly 
the ferric ion produced. As these authors point out (6, 7, 8) this method of following 
the reaction should give the most reliable results. The results in reference (8) were later 
(6, 7) found to be in error. The value of ko found by Rigg, Taylor, and Weiss at 20° C. 
agrees with that found by Baxendale (2); however, the activation energy observed (8640 
cal.) was somewhat lower than that reported by Baxendale (2). 

Throughout these experiments it had been accepted that the type or concentration of 
acid (sulphuric or perchloric) has no effect on the value kp or the activation energy. There 
is in fact only limited experimental support for this view (2, 7). While no effect of acid 
concentration has been found in perchloric acid solutions (2), a systematic study of 
the effect of acid concentration has not been made in sulphuric acid solutions. 

From the evidence presented in the above papers, there seems to be no reason why 
the various methods of following the reaction should give different values of the bimolec- 
ular rate constant. In an attempt to resolve these discrepancies, the reaction of ferrous 
ion with hydrogen perioxide in acid solution has been investigated along the following 
lines. 

1. An intercomparison of the various methods of following the reaction has been 
made, using the same initial ferrous ion and hydrogen peroxide solutions. 

2. Values of the bimolecular rate constant kp were measured as a function of tem- 
perature and acid concentration in both sulphuric acid and perchloric acid. The reaction 
was followed by the method considered most suitable from the results of the first series 
of experiments. 


EXPERIMENTAL 


Three methods of following the reaction have been investigated—quenching by 
chelation, quenching with ceric ion, and direct optical observation of the rate of ferric 
ion formation. These are described in detail below with suitable comment on the technique. 

The reaction vessel, shown in Fig. 1, was carefully cleaned and dried. A 20 ml. volume 
of ferrous ion solution was pipetted into the smaller compartment, while 25 ml. of 
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Fic. 1. Mixing vessel. 


hydrogen peroxide solution was pipetted into the ather. The vessel was placed in a 
constant temperature water bath and allowed to come to temperature. The reactants 
were mixed by rapidly pouring the solution from one compartment to the other. 


Methods of Following the Reaction 
I. Quenching by Chelation 


The quenching solution contained 3 M ammonium acetate, 0.2 1J ammonium fluoride, 
and sufficient o-phenanthroline to chelate all the ferrous ion. Ammonia was present in 
sufficient amount to neutralize approximately the acid in the reacting solution. 

To stop the reaction, 5 ml. of the quenching solution was added to the reacting solution 
from a plunger pipette. This method has the advantage that the resultant solution is 
suitably colored (ferrous o-phenanthroline complex) for colorimetric analysis. 

The amount of ferrous ion present was determined by measuring -the light absorption 
of the solution at 510 my in a Beckman Spectrophotometer. The extinction coefficient 
for the complex was determined in separate experiments and was found to be 11,250. 
Although this value is 1% higher than the accepted value of 11,110 (3), the same result 
was obtained repeatedly using different sources of two primary standards, viz., ferrous 
ammonium sulphate and potassium dichromate. 

Normally optical measurements were made using 1 cm. cells, but where necessary, 
cells of longer path length were used. This was the case for reactions in 1 N perchloric 
acid, where it was found that the ferrous o-phenanthroline color faded on standing in 
strong perchlorate ion solutions. In this particular case, the 50 ml. of solution was diluted 
with water to 500 ml. (where the color was stable) and optical measurements were made 
with 10 cm. cells. 

The initial ferrous ion concentration was measured against a blank consisting of the 
acid plus the buffer. For other solutions, a method of differential spectrophotometry 
was used. Here the quenched reacting solution was used as a ‘‘blank”’ and the ‘‘quenched”’ 
initial solution (ferrous ion plus 25 ml. of appropriate acid) used as the ‘“‘unknown’’. 
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In this way a direct measure of the ferrous ion disappearance, i.e., ferric ion production, 
was made. The initial amount of hydrogen peroxide was measured by allowing the 
reaction to go to completion before ‘‘quenching’’. Its concentration is equal to one- 
half of the total ferrous ion disappearance. In all cases initial ferrous ion and hydrogen 
peroxide determinations were made in triplicate. Suitable arithmetical corrections were 
made to relate the measured concentration of ferrous ion to that in the reacting solution. 


IT. Quenching with Ceric Ion 


The quenching solution was ceric ion in 1 N sulphuric acid. The ceric ion concen- 
tration was such that 1 ml. of solution gave a 5% stoichiometric excess of ceric ion over 
the initial ferrous ion plus hydrogen peroxide. After quenching, 20 ml. of the original 
ferrous ion was added to reduce the ceric ion and give an excess of ferrous ion. A 5 ml. 
volume of the buffer solution described in method I was added, and the concentration 
of ferrous o-phenanthroline complex measured spectrophotometrically as before. The 
difference between the ferrous ion concentration of the reacting solution and the initial 
solution after similar treatment for analysis was measured directly. Suitable arithmetical 
corrections were made for the dilution. The amount of ferric ion produced in this system 
is equal to one-half the difference in ferrous ion concentration. Initial concentrations of 
hydrogen peroxide and ferrous ion were determined by method I. 


ITI. Direct Measurement of the Ferric Ion Concentration 


(a) In sulphuric acid.—The temperature of a spectrophotometer cell compartment was 
controlled to +0.05°C. by circulating water. The reactant solutions were brought to this 
temperature, mixed, and poured into a 1 cm. optical cell. The absorption of light at 
320 mu was measured at 30 second intervals for about five minutes. At this wavelength, 
light absorption is entirely due to ferric ion. The initial concentrations of hydrogen 
peroxide and ferrous ion were determined by method I. The extinction coefficient of 
ferric ion under the experimental conditions was found by allowing the reaction to go to 
completion (¢,,). This extinction coefficient is equal to the optical density at t,, divided 
by twice the initial hydrogen peroxide concentration. 


(b) In perchloric acid.—The rate of ferric ion production in perchloric acid solutions 
was measured by a continuously recording ultraviolet spectrophotometer. No facility 
existed for thermostating solutions in the cell compartment, so several runs were made 
at the prevailing room temperature (19-21° C.). The values of ky obtained were normalized 
to one temperature assuming E = 9500 cal. 

Measurements were made at a wavelength of 235 my where the light absorption is 
due to ferric ion only. Initial concentrations of hydrogen peroxide and ferrous ion were 
found by method I. The extinction coefficient of ferric ion was determined in the same 
manner as in method III-a. 


Reagents 


Perchloric acid: Merck Reagent perchloric acid was vacuum distilled at 100° C. The 
middle 60% was retained. 
Sulphuric acid: Nichol’s chemically pure sulphuric acid was used. 
Hydrogen peroxide: Merck 30% Superoxol was suitably diluted with water or acid. 
Ferrous ion solutions: 
(a) in sulphate solutions: Reagent ferrous ammonium sulphate was dissolved in 
dilute sulphuric acid; 
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(6) in perchlorate solutions: Johnson, Matthey, Mallory spectrographically pure iron 
was dissolved in excess perchloric acid. 

Water: All water, including that used for final rinsing of the apparatus, was distilled 
from alkaline permanganate. 

Ceric ion solutions: Ceric ammonium sulphate was dissolved in 1 N sulphuric acid 
to give the desired ceric ion concentration. 

o-Phenanthroline: G. Frederick Smith o-phenanthroline was dissolved in 95% ethanol 
and added to the quenching solution. 

Ammonium acetate, ammonium fluoride, and ammonia were all reagent grade. 


RESULTS 
Comparison of the Methods 

Preliminary experiments in sulphuric acid solution, using method III-a, confirmed 
that the reaction was first order with respect to both hydrogen peroxide and ferrous ion. 
For the remainder of the experiments the following initial concentrations were chosen: 
[Fe++] = 100-120 uM./1., [H20.] = 20-25 uM./l. With these initial concentrations the 
half-life of the reaction was about three minutes at room temperature. 

In all cases a plot of log [2b(a—x)/{a(2b—x)}] vs. t gave astraight line passing through 
the origin. Usually six determinations were made for each such plot. The error in Ro is 
estimated to be +2%, 1% for the determination of the slope of the second order plot, 
and 1% for the determination of the absolute value. of 1/(a—20). 

Values of ky in 0.1 N perchloric acid and 0.8 N sulphuric acid were determined at 
20.2° C. using all three methods of following the reaction. The same initial solutions 
were used for each acid medium ({Fe++] & 120 uM./I1., [H,O.] & 20 uM./I1.). The results 
are reported in Table II. There is no significant difference in the results obtained by the 
three methods. 


TABLE II 


VALUES OF ky DETERMINED BY THE THREE METHODS 
T = 20.2° C. 








Ro (1. mol.~! sec.~!) 


In 0.1 N HClO, In 0.8 N H2SO, 








Method I 41.3 50.4 

Method II 41.7 50.6 

Method III-a 51.6 
III-b 41.8, 40.7 





The choice of method of following the reaction will depend on the convenience of 
analysis and the accuracy required. Method I is generally the most convenient and 
accurate method provided the ferrous ion concentration is less than ten times that of 
hydrogen peroxide. Method II is capable of greatest sensitivity, and is recommended 
where the concentrations of both reactants are below 10-' M. Method III is in principle 
the most widely applicable, since ferric ion is the only light-absorbing material under the 
conditions used. However, the extinction coefficient of ferric ion varies with the type 
of acid and its concentration and temperature, and in practice must be determined in 
separate experiments. 
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The Effect of Variables on the Bimolecular Rate Constant ko 


In the experiments reported below, method I was used. 

The value of ky) was determined for a series of acid concentrations over a range of 
temperature (0—40° C.) in both sulphuric acid and perchloric acid solutions. Activation 
energies were calculated from the usual plot of log ko vs. 1/7. The values of E and of 
ky at 20° C. are recorded in Table III. Additional experiments showed that the presence 
of chloride ion in millimolar concentrations had no effect on either the rate or the activa- 
tion energy. 
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Fic. 2. Plot of log ko vs. 1/T for the ferrous ion — hydrogen peroxide reaction in perchloric acid. 
O Present experiments @ Baxendale (1951) 


In agreement with the results of Baxendale (2), we find that in perchloric acid solu- 
tions the rate is independent of the acid concentration above 10-* M acid. At lower acid 
concentrations side reactions are probably present (2), and this may account for the 
higher value of both E and ky in 5.310-* M acid. (See Table III.) 

Assuming this independence of acid concentration, mean values of k» in perchloric 
acid solutions were calculated at each temperature. Fig. 2 is a plot of log ky vs. 1/T for 
these data, together with the data reported by Baxendale. The two sets of data are 
clearly in close agreement, and in perchloric acid solutions the rate equation is 


ky = 5.3108 e- 59/87 |, mol.— sec.-. 
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TABLE III 
VALUES OF E AND ko (20°C.) IN VARIOUS ACID MEDIA 











Acid concentration, E, ko(20° C.), 
equiv. /I. cal. 1. mol.— sec. 
In sulphuric acid 
0.80 9750 51.4 
0.10 9650 49.3 
0.0105 9850 42.6 
0.0014 9850 42.6 


Mean 9750 


In perchloric acid 
9450 














1.00 c 44.6 
0.10 9450 41.5 
0.011 9400 42.3 
0.00167 9600 42.6 
0.00053 10330 55.0 
ko (in HCIOy) = 5.3 108 e—9450/RT 
2.2 — ~ . : ' 
| re 
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Fic. 3. Plot of log ko vs. 1/T for the ferrous ion — hydrogen peroxide reaction in 0.8 N sulphuric acid. 
O Present experiments @® Baxendale (1946) @ Dainton and Sutton (1953) 


In sulphuric acid solutions the activation energy appears to be independent of the 
sulphuric acid concentration. The value of ko(20° C.) increases with acid concentration, 
and this is interpreted as an increase in the temperature independent factor. At present, 
we can offer no explanation for this behavior. 
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At low acid concentrations at room temperature ko(H,SQO,) is fortuitously equal to 
k,y(HCIO,), and this observation led Baxendale to assume the rate to be independent of 
the acid medium, and hence independent of sulphuric acid concentration. Fig. 3 shows a 
plot of log ky) vs. 1/T for 0.8 N sulphuric acid. We have included on this graph data from 
Dainton and Sutton (4) and also from Baxendale, Evans, and Park (2). Although the 
latter group used 1 N sulphuric acid as the medium, little change in kp is expected between 
0.8 and 1.0 N sulphuric acid. 

An examination of Fig. 3 shows that the results of previous workers and the present 
work are in reasonable agreement. Although previously obtained data lie below the 
straight line, this discrepancy is probably due to differences in analytical calibrations. 
This difference will not affect the slope of the line. Baxendale’s results of 1946 are not 
anomalous, but are in agreement with values obtained in the same concentration of sul- 
phuric acid. In 0.8 N sulphuric acid the rate expression is 


ko = 9.6X 108 e—9759/8T |, mol.— sec.—. 


The rate expression in 0.5-0.8 N sulphuric acid reported by Weiss (6, 7) is kyo = 
1.05 X 108 e~ 8480/27 |, mol.—' sec.—'. In the temperature range 15-25° C. the values of 
ko calculated from Weiss’ rate expression agree within +4% of the present work; at 
40° C. there is a difference of 14%. These values result in differences in both the activa- 
tion energy and the temperature independent factor. 


REFERENCES 


. Bars, W. G., BAXENDALE, J. H., GEORGE, P., and HARGREAVE, K. R. Trans. Faraday Soc. 47, 462 
(1951). 

BAXENDALE, J. H., Evans, M. G., and Park, G. S. Trans. Faraday Soc. 42, 155 (1946). 

. BrRAnpT, W. W. and Gu.ttstrom, D. K. J. Am. Chem. Soc. 74, 3532 (1952). 

DatnTon, F. S. and Sutton, H. C. Trans. Faraday Soc. 49, 1011 (1953). 

HaBeEr, F. and WEIss, J. Proc. Roy. Soc. (London), A, 147, 332 (1934). 

RicG, T., TayLor, W., and WEtss, J. Experientia, 10, 202 (1954). 

RicG, T., TayLor, W., and WEIss, J. J. Chem. Phys. 22, 575 (1954). 

. TayLor, W. and WEIss, J. J. Chem. Phys. 21, 1419 (1953). 


_ 


MN gr goby 





THE KINETICS OF THE OXIDATION OF FERROUS ION BY HYDROGEN 
PEROXIDE IN THE PRESENCE OF DISSOLVED HYDROGEN AND CARBON 
MONOXIDE! 


T. J. HARDWICK 


ABSTRACT 


An expression has been derived for the rate of ferric ion production in the ferrous ion — hydro- 
gen peroxide reaction in aqueous solution containing dissolved hydrogen and oxygen. It 
involves the relative value of the rate constants for the intermediate reactions 

OH+H: — H,0O+H, 

OH +Fet*+ — Fet*+++0OH-. 
The effects of side reactions involving the intermediate hydroperoxy] radical are considered. 
The rate calculated from the derived expression agrees with that measured experimentally 
(4+2%). When carbon monoxide is used instead of hydrogen, the kinetic scheme and rate 
expression are the same. The agreement between experimental and calculated rates is within 
+2%. 


INTRODUCTION 


It has been known for some time that the amount of ferric ion produced in the ferrous 
ion—hydrogen peroxide reaction in air-saturated solution (Fenton reaction) is increased 
by the presence of dissolved organic materials (4). Dainton and Hardwick (2) have 
studied such systems in detail and were able to explain their results quantitatively on 
the basis of competition for hydroxy] radicals between the organic substrate and ferrous 
ion. 

A parallel but simpler case also studied by Dainton and Hardwick is that of the 
Fenton reaction in the presence of dissolved hydrogen gas. In this system the reactions 
are as follows: 


Fe++ + H,0.—""» Fe+++ + OH- + 0H, (0] 

H. + OH "5 H.0 +H (fp, (1) 

Fett + OH "5 Fet++ + OH- (fy) [2] 

H + O.—» HO:, le) 

HO, + Fett + H+" Fet++ + HyOs. (3) 


In one reaction cycle the disappearance of one hydrogen peroxide molecule by re- 
action [0] produces two ferric ions and regenerates a smaller amount of hydrogen peroxide. 
The hydrogen peroxide thus formed will of course react in the same manner as that 
originally present. The final result is an increase in the total amount of ferric ion produced. 

By measuring the fofal ferric ion produced with and without added hydrogen, Dainton 
and Hardwick (2) determined the value of the ratio fi/fe, where f; and fz are the fractions 
of hydroxyl radicals reacting with hydrogen and ferrous ion respectively. Since 


[A] fi/fe = ky[He]/(R2[Fe**]), 


the relative value of the rate constants (k;/k2) may be found. 
It follows from the results in this last paper that the rate of ferric ion production 
should be increased in the presence of dissolved hydrogen since the net rate of hydrogen 
1Manuscript received December 3, 1956. 
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peroxide disappearance is smaller. It is the purpose of the present paper to derive a 
mathematical expression for the increase in reaction rate, and to compare such derived 
values with experimental results. 

In the simple bimolecular reaction between ferrous ion and hydrogen peroxide, the 
rate of ferric ion production is 


[B] dx/dt = 2k)(F—x)(P—3x), 


where x is the concentration of ferric ion at time ¢, 
F is the initial concentration of ferrous ion, 
P is the initial concentration of hydrogen peroxide, 
ky is the bimolecular rate constant. 
Values of ko have been determined for a variety of conditions (4). 

In the presence of dissolved hydrogen, when one molecule of hydrogen peroxide 
disappears by reaction [0] two ferric ions will be produced: one by reaction [0], and the 
second either by reaction [2] or by the reaction sequence [1], [e], [3]. At the same time 
fi hydrogen peroxide molecules will be regenerated. The net number of hydrogen per- 
oxide molecules disappearing for each ferric ion formed will be $(1—/;) = 4/2. 

The rate expression then becomes 


[C] dx/dt = ko( F—x)(2P—fex). 
Since 
[D] fo = [Fet*]/{(hi/k2)[H2]+[Fe**]} = (F—x)/{(ki/ke)[Ho]+F—-x}, 


we write the rate expression as 
[E] dx/dt = k)\(F—x){2P—(F—x)x/(C+F-—x) }, 
where C = (k:/k2)(H2]. C will be a constant for any set of initial conditions. 


Solution of Equation 
In integrating equation [EF], 


7 C+F-X . 
[F] ba at = J (F-»QP(C+F) —(F42P) x40] ™ 





the integral on the right-hand side may be written 


M , N+Rx | 
[G] SlvA4n +Bx+x° ™, 
where A = 2P(C+F), 
B = —(F+2P), 
M, N, R are terms to be evaluated. 
Multiplying out the numerator of equation [G] and equating this to C+F—x, we find 


on equating coefficients and solving 
M = R = 1/2P, N = 0; 





thus we have 





1 dx x dx 
1] ka at i | (F—x) +f5 | : 
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F 2.303 A 
| 2.303 log es log A+Beix? | 
ht Bete B | 

Va yo Va tan Va (|> 
where g = 8PC—(F—2P)?.* The expression in square brackets will be defined as (x). 
If the kinetic scheme is correct, a plot of ¢(x) versus time will give a straight line passing 
through the origin, the slope of which is equal to 2Pko. Experimentally, we shall measure 
the amount of ferric ion produced after various periods of reaction. The calculated value 
of ¢(x) for each measurement will be plotted as a function of time and compared with 
the theoretical straight line ¢(x) = 2PRof. 

Values of ki/ke were determined using the method outlined in the previous paper 
(2). From other work, ko at 20.2° C. in 0.1 N perchloric acid was taken as 41.5 |. mol.— 
sec.—' (4). Initial concentrations of ferrous ion, hydrogen peroxide, and hydrogen were 
known. 

Carbon monoxide also reacts with hydroxyl radical in aqueous solution: 





1 
[J] kot = SP 


~ 


Ria 
CO + OH —“*y CO. +H (fia). [1a] 


When the Fenton reaction is carried out in the presence of dissolved carbon monoxide, 
the sequence of reactions occurring will be identical with those when hydrogen is present 
with the exception that reaction [1] is replaced by reaction [la]. It follows that the kinetics 
of the two systems will be identical. ; 

Rate experiments with dissolved carbon monoxide were carried out. Since the value 
of kia/k2 (CO) is about 30 times larger than k:/k, (H2) at room temperature the use of 
carbon monoxide in place of hydrogen permits a more rigorous test of the kinetic scheme. 
There will be more peroxide cycles in the carbon monoxide experiments; consequently 
the magnitude of deviations between experimental and calculated values due to in- 
correct values of k:/k2, or to side reactions not considered in the kinetic scheme, will be 
increased. 

EXPERIMENTAL 


Perchloric acid: Merck Reagent perchloric acid was vacuum distilled at 100° C. The 
middle 60% was retained. 

Ferrous ion: Spectrographically pure iron was dissolved in dilute perchloric acid. 

Hydrogen peroxide: Merck 30% Superoxol was suitably diluted. 

Water: Distilled water was redistilled from alkaline permanganate. This was also 
used for the final rinsings of all glassware. 

o-Phenanthroline: G. Frederick Smith o-phenanthroline was dissolved in 95% ethanol. 

Ammonium acetate and ammonium fluoride were reagent grade. 


Determination of k,/ke 
The reaction vessel is shown in Fig. 1. A 20 ml. volume of ferrous ion solution (500 
uM./l.) was pipetted into one chamber, while 25 ml. of hydrogen peroxide solution (20 
uM./l.) was pipetted into the other. The atmosphere above the solution was removed 
(water pump) and replaced by a known synthetic mixture of hydrogen plus air to a 
*If q is negative the last term becomes 
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Fic. 1. Reaction vessel. 


pressure of about 780 mm. The vessel was placed in a constant temperature bath for 10 
minutes. At the end of this period it was shaken vigorously to equilibrate the gas and 
liquid. The gas was momentarily vented to the atmosphere and the vessel shaken again. 
Reaction was started by tipping the vessel in such a manner that both solutions mixed 
rapidly in the connecting chamber. The cell was then replaced in the bath and the 
reaction allowed to go to completion (about 1 hour). At the end of this time, 5 ml. of 
3 N sulphuric acid was added to the solution, and the light absorption of the solution 
was measured at 310 mu in a Beckman Spectrophotometer, using 10 cm. cells. At this 
wavelength light is absorbed by ferric ion only. 

A set of experiments was carried out similar in all respects to those described above 
except that the solutions were air saturated. In both cases suitable blanks were made to 
determine the ferric ion present in the initial solutions. In all cases experiments were 
carried out in quadruplicate. 

For the determination of k,/k2 one requires only a ratio of the amount of ferric ion 
produced with and without hydrogen (2). This quantity may be determined from the 
ratio of the optical densities of the two solutions; an accurate knowledge of the extinction 
coefficient is unnecessary. Experimentally, at 20.2° C. in 0.1 N perchloric acid the value 
of ki /ke was found to be 0.116. 


/ Determination of kiq/k2 (CO) 

The procedure for the determination of ki/k: was repeated, using a suitable mixture 
of carbon monoxide and air for equilibration instead of hydrogen plus air. At 20.2° C. 
in 0.1 N perchloric acid the value of kig/k2 was found to be 3.79. 

The solubilities of hydrogen and carbon monoxide in 0.1 N perchloric acid have been 
taken equal to that in water at the same temperature. Any errors in the values of ki/ke 
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and kjq/k2 resulting from this approximation will be cancelled when these values are 
inserted in the rate expression. 


Kinetic Experiments 

The method of preparing the solutions, equilibrating with the selected gas mixture, 
and initiating reaction was identical with that used in the determination of k:/k2. The 
initial concentrations of the ferrous ion and hydrogen peroxide solutions were 132 and 
22 uM./I., respectively. 

The method of following the reaction has been described in detail previously (method I, 
Ref. 3). Briefly, the reaction was quenched by the addition of a chelating agent for 
ferrous ion. The concentration of ferric ion produced was determined from the measured 
decrease in the ferrous ion concentration. 

Rate experiments were carried out using both hydrogen and carbon monoxide as 
dissolved gases. The conditions are shown in Table I. 


TABLE I 
INITIAL CONDITIONS FOR RATE EXPERIMENTS 
10.2° C. 











[Fe**]o, [H20z)o, [He], [CO], [HCI10,], 
No. uM. /1. uM./I. uM./I. uM./I. equiv. /I. Fig. 

Runs with dissolved Hz 

1 131.8 21.33 720 0.10 2a 

2 131.8 21.00 585 0.10 2b 
Runs with dissolved CO 

3 131.8 21.63 68.4 0.10 3a 

4 131.8 21.63 139.0 0.10 36 

5 174.7 21.85 69.2 0.10 3c 

6 129.7 


22.79 69.2 ' 0.30 3d 








RESULTS AND DISCUSSION 
Effect of the Reduction of Ferric Ion 
Since ferric ion is produced in this system, the reaction 


k 
HO; + Fet++ —*» Fet+ + H+ +0; ; [4] 


will take place. As a result, (a) the measured amount of ferric ion will be less than twice 
the amount of hydrogen peroxide which has disappeared by reaction [0] and (0) less 
hydrogen peroxide will have been regenerated via reaction [3]. It is therefore necessary 
to determine the extent to which reaction [4] has occurred during the over-all reaction. 

In the first case the extent of the ferric ion reduction must be calculated and a correc- 
tion made to the measured ferric ion production. In our experiments such corrections 
were usually about 3% and never exceeded 7% of the ferric ion concentration. In the 
second case such a small correction to the hydrogen peroxide concentration will affect 
the rate of ferric ion production only slightly and deviations from the calculated values 
should occur only in the later stages of the reaction. 


Correction for Ferric Ion Reduction by Reaction [4] 


Reaction [4] is of course in competition with reaction [3], and the relative extent of 
each reaction will change as the ferrous ion/ferric ion ratio changes. Previous workers 
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have found that the ratio of the rate constants of reactions [3] and [4], 23/s, is somewhat 
dependent on acid concentration (1). From their data it is estimated that the value of 
k3/ky at 20° C. is 14 in 0.1 N acid and 40 in 0.3 N acid. 

The amount of ferric reduction which occurs during a run may be calculated as 
follows: We shall define f3/f; as the fraction of HO: radicals reacting with ferrous ions 
(reaction 3) divided by that fraction reacting with ferric ions (reaction 4). It follows that 


[K] fs _ ks [Fe*™ ] . 





As the ratio of ferrous ion to ferric ion changes during the reaction, so will the value of 
fs/fs. We require to know the mean value of f3/f,; for each experiment as the ferric ion 
concentration increases from 0 to x. 

Mean values of the ratio f3/f; were calculated from equation [K] for successive small 
(5 uM./l.) intervals of ferric ion concentration, using the average concentrations of 
ferrous and ferric ions within each interval. These values were plotted against the ratio 
ferric ion/ferrous ion. For any concentration of ferric ion x, the area under the curve 
is the fraction of the total ferric ion which has been reduced. The corrected ferric ion 
concentration will be x/(1—area). Values of the measured ferric ion concentration thus 
corrected for ferric ion reduction have been used in the calculation of $(x). 


Effect of Increase in Regenerated Hydrogen Peroxide on the Rate of Ferric Ion Production 

In principle it is possible to include such a correction in the rate equation [B]. Since 
this would complicate the integration considerably we have limited ourselves to in- 
dicating that the measured amount of ferric ion would be slightly less than the calculated 
value in the later stages of reaction. An examination of Figs. 2 and 3 (particularly 2a, 
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Fic. 2. Ferric ion production in the presence of dissolved hydrogen. For initial conditions, see Table I. 


2b, 3a, and 36, where such effects are largest) shows that a small deviation in the ex- 
pected direction does indeed occur. 


Comparison of Calculated and Measured Values of $(x) 

Figs. 2 and 3 show plots of ¢(x) versus time. The value of (x) was calculated from 
the measured amount of ferric ion which had been corrected for ferric ion reduction 
by reaction [4]. These values are represented by circles. The straight line is drawn 
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Fic. 3. Ferric ion production in the presence of dissolved carbon monoxide. For initial conditions, see 
able I. 


J 


through the origin with a slope equal to 2Pko. The conditions for each set of experiments 
are listed in Table I. In all cases 300 seconds represents about 75% of the total reaction. 

The agreement between calculated and experimental values is better than +2%. 
This agreement is unaffected by variations in the ferric ion concentration (runs 3 and 5, 
Table I), in the reacting gas concentration (runs 1 and 2, 3 and 4), and in the acid con- 
centration (runs 3 and 6) although each of these variables changes the rate of ferric ion 
production. 

The results of this paper show that the relative values of the rate constants k; and ke 
may be justifiably applied to kinetic systems involving hydroxyl radical reactions in 
acid solutions. In addition, one can correct for complications due to the side reactions 
involving HO, radicals, using values of rate constants reported in the literature. 
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A NOTE ON UREIDO DERIVATIVES ISOLATED AS 
BY-PRODUCTS IN AMINO ACID SYNTHESIS! 


P. D. BURLAND? AND J. D. CHRISTIAN? 


ABSTRACT 


Approximately 10-20% yields of alpha-ureidopropionamide and alpha-ureidoisovaleramide 
were obtained as major by-products in the synthesis of 5-methylhydantoin and 5-iso- 
propylhydantoin, respectively, by the Gaudry (3) technique. The two compounds can be 
hydrolyzed to their corresponding amino acids, DL-alanine and DL-valine, in alkaline 
solution or recyclized to their corresponding hydantoins with mineral acid. 


INTRODUCTION 

In an attempt to improve the yields and to establish the generality of the Gaudry (3) 
amino acid synthesis, two homologous compounds were isolated, only one of which 
has been previously reported in the literature (2). 

The reaction between acetaldehyde cyanohydrin and a water solution of ammonium 
carbonate at 55° C. in addition.to the major product 5-methylhydantoin (I) produces 
10-20% yields of alpha-ureidopropionamide (II). Similarly, isobutyraldehyde cyano- 
hydrin and ammonium carbonate produce about the same yields of alpha-ureidoisovaler- 
amide (IV). Both ureido derivatives presumably are formed as partial ammonolysis 
products of their corresponding hydantoins. Alpha-ureidoisovaleramide has previously 
been unreported in the literature. 


CH; 
CH;CH—C=O NH; l 
| | seinem H:NCNHCHCNH: [1] 
HN NH 55-100° C. | | 
\c% O O 
} 
O 
(I) (II) 
CH,;,CH—CH—C=0 NH; 
l l snctarepianssiaiedyp H:sNCNHCH—CNH; [2] 
H;C HN NH 55-100° C. | Nl 
\c’ O CH O 
| Fi 
O CH; CH; 
(IID) (IV) 


Although the alternative mechanism involving an ammonium carbamate equilibrium 
must also be considered (Eqs. 3 and 4), the ammonolysis mechanism (Eqs. 1 and 2) 
seems to be the more logical course for the side reaction. 


PH NH 
CO:+NH; = O=CC + NH: = O=CC [3] 
NH; 


NH: 
1Manuscript received December 19, 1956. 
Contribution from the Monsanto Chemical Company, Texas City, Texas. 


2Present address: Development Department, Lion Oil Division, Monsanto Chemical Company, Luling, 


Louisiana. . ‘ 
3Present address: Research Department, Grace Chemical Company, Memphis, Tennessee. 
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RCHCN + NH,OCNH:2 _ sae ae tr hanes +H,0 [4] 
| I | 

OH : O 


This ammonolysis seems to occur during the time the reaction mixtures of correspond- 
ing cyanohydrin and (NHy,)2CO; are being boiled to decompose excess (NH,).CO3; and to 
concentrate the hydantoin prior to crystallization. Alpha-ureidopropionamide first isolated 
melted at 192° C.* and after three crystallizations from water melted at 199-200° C. 
The compound was isolated from the third (last) crystallization of 5-methylhydantoin 
mother liquor resulting from the original reaction. The material was characterized 
according to the method of Franchimont and Klobbie (2) by cyclization to 5-methylhy- 
dantoin in 10% HCl. Dakin (1) also cyclized hydantoic acid to hydantoin in a similar 
manner. A portion of the ureidoamide was hydrolyzed to DL-alanine with Ba(OH)s. 

Franchimont and Klobbie (2) in 1888 reported the isolation of (II) from a reaction 
mixture of acetaldehyde, NH3, KCN, KCNO, and H2SO,. An uncorrected melting point 
of 196° C. is reported. Since that time, only references to hydantoic acids appear in the 
literature and no mention is made of the corresponding amides. 

Alpha-ureidoisovaleramide (IV), m.p. 240° C. (decomp.), was isolated in the same 
manner as its previously described homologue from the mother liquor of the original 
reaction. It was cyclized to 5-isopropylhydantoin in the manner outlined above. A 
portion of the ureidoamide was also hydrolyzed with Ca(OH), to DL-valine. 

Although alpha-ureidoisovaleramide is more soluble in water than 5-isopropylhydan- 
toin, recrystallization from aqueous solution is not too effective for purification. The 
solubility relationship of these two compounds, however, is reversed in methanol, 
presenting a convenient method for purifying fractions of the ureidoamide contaminated 
with hydantoin. 

Infrared spectra of the two ureidoamides and their corresponding hydantoins are 
shown in Fig. 1. They were prepared by the KBr disk technique (4, 5). 

The yields of DL-alanine and valine, by a minor variation of the method of Gaudry (3), 
produced 90% over-all yields of both amino acids. In either instance, this was accom- 
plished by proceeding directly from the aldehyde to the amino acid without isolation of 
the intermediates. 


EXPERIMENTAL 
Acetaldehyde Cyanohydrin (Lactonitrile) 

Liquid HCN (1 mole, 27.0 g.) was introduced into a flask maintained at ice bath 
temperature (0—-10° C.) followed by 2 ml. of 10% NaOH added as catalyst. Acetaldehyde 
(1 mole, 44.0 g.) was then added dropwise to the mixture with stirring over a period of 
30 minutes. The bath was maintained at 0-10° C. during the addition and then removed. 
With continued stirring the temperature was allowed to rise to 25° C. and maintained 
for 1 hour. At the end of this period, the reaction was complete (6). 


5-Methylhydantoin (I), Alpha-ureidopropionamide (IT) 
Lactonitrile (1 mole, 71.0 g.) was added to a solution of ammonium carbonate (2 moles, 
192.0 g.) in water (400 ml.) and stirred at 55° C. for 1 hour in a water bath. The tem- 


perature of the bath was then raised rapidly to the boiling point to decompose the 
excess ammonium carbonate. The boiling was continued until the volume was reduced 


* Melting points are all corrected unless otherwise indicated. 
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Fic. 1. Infrared spectra of hydantoin, 5-methylhydantoin, 5-isopropylhydantoin, alpha-ureidopropionam- 
ide, and alpha-ureidoisovaleramide. 
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to about 250 ml. The solution was then cooled; 5-methylhydantoin (1) crystallized and 
was filtered. The filtrate was evaporated again to a small volume-and a second crop of 
crystals was obtained. Total, 93.1 g. (82% yield). The third crystallization (18.3 g., 
14% yield based on hydantoin) containing the crude ureidoamide melted at 191—-193° C., 
which, after two crystallizations from water, melted at 199-200°C. Found for 
C,H yN;02 (Kjeldahl): N, 31.64%. Calc. for C,H,N;02: N, 32.04%. 

Two grams of the pure alpha-ureidopropionamide were dissolved in 100 ml. of con- 
centrated HCI and the mixture refluxed for 2 hours. The mixture was cooled, evaporated 
to a small volume, and crystallized (m.p. 144-145° C.). After two recrystallizations from 
water the resultant compound melted at 145° C. Literature m.p. for 5-methylhydantoin 
145° C. (7), 150° C. (3) (uncorrected). 


DL-Alanine from Alpha-ureidopropionamide (II) 

The remaining crude alpha-ureidopropionamide (16.3 g., 0.1 mole) was dissolved in 
600 g. of water and slurried with Ba(OH)2-8H2O (103 g., 0.33 mole). This mixture was 
placed in a steel pressure bomb, heated at 150—-160° C. with continuous agitation for 
4-5 hours, and then cooled. The mixture was removed from the bomb and evaporated 
to about 500 ml. About 50 g. of (NH,4)2CO3 were added to the cooled mixture to remove 
excess Ba(OH):. BaCO; was filtered off and the solution evaporated until alanine began 
to crystallize on the surface of the solution. Two volumes of methanol were added to the 
warm mixture and then cooled to ice bath temperature. Alanine was filtered off, washed 
with cold methanol, dried, and weighed. Total alanine recovery 8.4 g., m.p. 295° C. 
(decomp.). 


Isobutyraldehyde Cyanohydrin 


This material was prepared in the same manner as lactonitrile with the exception of 
the catalyst. One milliliter of concentrated ammonia was added per mole of cyanohydrin 
formed instead of 2 ml. of 10% NaOH. This technique resulted in a cyanohydrin which 
was neither discolored by HCN polymer during the course of the reaction nor during 
storage for several weeks. 


5-Isopropylhydantoin (III), Alpha-ureidoisovaleramide (IV) 

Two moles of a 28% water solution of NH,OH (34 g. as NH3;) were added to a round- 
bottom flask equipped with stirrer, thermometer, gas-inlet tube, and a 0—10° C. ice bath. 
With continued stirring, carbon dioxide (44.8 liters, 2 moles) was passed into the solution 
of NH; while the temperature was being maintained at 0-10° C. The gas inlet tube was 
then removed and 1 mole (99 g.) of previously prepared isobutyraldehyde cyanohydrin 
was added to the flask slowly, the temperature being allowed to rise to 55° C. The 
1-mole addition took place over a 15-minute period. The reaction mixture was allowed 
to stir for another 45 minutes at 55° and then raised to boiling to decompose unreacted 
(NH,)2CO;. Alternate evaporation and crystallization yielded the crops of product 
shown in Table I. 

Subsequent treatment of fractions 4-6 and the residue with 10% HCl yielded 6.0 g. 
of pure (III) resulting in 98% corrected yield of (III), m.p. 147.5-148.5° C. (corrected). 

The high-melting fractions from a repeat run of the above synthesis were combined 
and recrystallized 8 to 10 times from methanol to isolate pure (IV). The resulting material, 
m.p. 240° C. (corrected), analyzed as follows: C = 45.16%, H = 8.71%, N = 26.33%. 
Calculated for (IV) CeHisN302: C = 45.25%, H = 8.23%, N = 26.41%. 
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TABLE I 
Crystallization Weight, g. M.p. (uncorrected), ° C. 
1 82.1 147-148 
2 35.5 147-149 
3 19.2 147-149 
4 3.6 145-160 
5 2.2 145-160 
6 i 160-185 
Dry residue 2.0 -- 
Total 143.3 


Per cent of theory = 101 





A 1g.sample of pure (1V) was heated in 15 ml. of 10% aqueous HCl and dissolved. 
The solution was refluxed for about one hour and allowed to cool. The crystals which 
deposited on cooling melted at 146-147° C. The melting point was not depressed by a 
1:1 mixing of an authentic specimen of (III) with the material in question. 


DL-Valine from Alpha-ureidoisovaleramide (IV) 

Alpha-ureidoisovaleramide (IV) (10.59 g., 0.0667 mole) was charged to a 2 liter pressure 
autoclave along with 600 ml. of H.O and 9.9 g. (0.1334 mole) of Ca(OH)». The mixture 
was heated at 155° C. for 4 hours with continuous stirring and then allowed to cool. 
Insoluble Ca(OH). was filtered off and dissolved calcium precipitated with excess 
(NH4)sCO;. After a second filtration, the filtrate was evaporated to about 50 ml. and 
cooled in an ice bath. Cold methanol (100 ml.) was then added to the solution and the 
mixture allowed to crystallize at 0-5° C. for 1 hour. 

A 7.0 g. yield of crystals was obtained on one crystallization. The residue when 
evaporated to dryness contained about 1.0 g. of crude product. The theoretical yield of 
DL-valine from 10.59 g. of (IV) is 7.8 g. Nitrogen analysis found: 11.94%. Calculated 
for C5Hy,NO2: 11.96%. 
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ARSENIDES OF TRANSITION METALS: THE ARSENIDES OF IRON AND 
COBALT! 


R. D. HEYDING AND L. D. CALVERT 


ABSTRACT 


Alloys of cobalt and arsenic containing up to 60% As by weight have been studied by means 
of room temperature and high temperature Debye-Scherrer diagrams. Two compounds exist 
at room temperature, Co2As and CoAs, both of which undergo crystallographic transformations 
at higher temperatures, the former between 400° C. and 500° C., the latter at about 950° C. 
A third compound, probably Co3Asz, is formed by the reaction of CozAs with CoAs above 
940° C. The structures of these compounds are compared with the structures of the correspond- 
ing compounds in the iron/arsenic system. These results indicate the necessity of slight 
revisions to the Co/As diagram, and raise serious questions in respect of the validity of 
decomposition pressure data reported recently for cobalt arsenides. 


As part of a program designed to investigate the chemistry of cobalt speiss, we have 
undertaken studies of the Debye-Scherrer diagrams of the alloys of iron, cobalt, and 
nickel containing up to 60% arsenic by weight. The interpretations of the powder dia- 
grams for the iron/arsenic and cobalt /arsenic systems are discussed here, and the nickel / 
arsenic system will be reported in a later paper. 

- The constitution of the Fe/As phase diagram in the 0-56% As region is well under- 
stood. Friedrich’s diagram (3), modified by Hagg -(6, 7), shows the presence of two 
compounds, Fe.As and FeAs, at room temperature, and a third, Fe;Aso, which is stable 
only above 795° C. Fe2As crystallizes in an end-centered tetragonal lattice (2), while 
FeAs forms an orthorhombic cell in which the atoms are only slightly displaced from 
the positions of nickel and arsenic in hexagonal NiAs (5, 7). No structure has been 
assigned to Fe;As». 

The corresponding region in the Co/As system has not been subjected to a similar 
comprehensive crystallographic investigation. Of the four compounds recorded in the 
phase diagram (4), CosAse, Co.As, Co;Ase, and CoAs, only the last has been studied by 
Debye-Scherrer techniques (5), and Fylking’s conclusion that it is isostructural with 
FeAs rather than NiAs has been questioned in view of the poor resolution of the powder 
diagram at high orders (16). 

Kochnev has employed the Knudsen effusion principle to measure the arsenic vapor 
density over cobalt alloys of composition corresponding to these four compounds (10, 
11). These data were subsequently expanded to yield values for the thermodynamic 
functions associated with the thermal dissociation of these compounds (12, 13). 

The unique feature of Kochnev’s results was the appearance of ‘‘anomalous breaks’’ 
in the curves obtained by plotting the dissociation pressures against the temperature. 
These discontinuities, in the form of either a sharp maximum or a sharp minimum, or 
both, were found to occur at temperatures in the region of the “ignition temperature’’ 
of the alloys, and were interpreted as being the result of polymorphic transitions in the 
compounds. If this conclusion is correct, two transitions should be observed in the 
powder diagrams of CoAs in the 780°-890° C. region, three in Co;Aso, four in CooAs, and 
three in Co;Aso. These transitions are not shown on Friedrich’s phase diagram. 


1Manuscript received January 14, 1957. 
Contribution from the Division of Applied Chemistry, National Research Council, Ottawa, Canada. 
Issued as N.R.C. No. 4287. 
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It should be emphasized that during the thermal analysis of this system Friedrich 
observed a great tendency of the alloys to supercool, and interpretation was corre- 
spondingly uncertain. Hansen has criticized Friedrich’s analysis in this respect (8). There 
is a further indication of the type of error which might be expected in the Co/As phase 
diagram, in that in the Fe/As system, the compound Fe;Ase2, which according to thermal 
analysis was expected to exist at room temperature, was found by X-ray analysis to 
decompose below 795° C. In view of the marked similarity of the phosphides of iron and 
cobalt, and the apparent isomorphism of FeAs and CoAs, it is difficult to appreciate 
why four arsenides should form in the cobalt system as compared to two in the iron 
system, and why so many modifications of these four compounds should exist while 
apparently none were observed among the iron arsenides. 


EXPERIMENTAL 


Iron and cobalt sponges, the former containing less than 1 p.p.m. impurities, mainly 
as nickel, and the latter 0.8 p.p.m., mainly as iron, were obtained from Johnson Matthey & 
Co. Similar high purity nickel was used to make the nickel arsenides used in substitutional 
solid solution studies. Each of these metal powders was soaked in hydrogen for 2 to 3 
hours at 670-700° C., immediately prior to mixing the components, to reduce the surface 
oxide. 

Commercial ‘“‘Pure’”’ metallic arsenic was purified by double vacuum sublimation, 
eliminating all heavy metals and reducing the antimony content to less than 50 p.p.m. 
The crystals were ground in air and stored in vacuo. 

To prepare the alloys, arsenic and the appropriate metal powder were weighed into 
pyrex tubes, which were evacuated, sealed, and heated at 500-550° C. for 48 hours.? 
The products were removed, reground, and melted in either of two ways depending 
on the size of the sample. Larger quantities (10-15 g.) were melted by induction and 
chill cast under argon in the furnace described by Craw and Henry (1). This method 
relied on rapid melting and chilling to minimize the loss of arsenic as vapor and the 
subsequent alteration in the composition of the alloy. The results were satisfactory for 
cobalt-rich alloys; at higher arsenic concentrations, however, the decomposition pressures 
at the melting point are appreciable and significant losses were incurred. 

To prepare alloys within narrow concentration limits, smaller samples (2-3 g.) were 
sealed in small silica ampoules under vacuum, and melted by slowly lowering the ampoule 
through the narrow hot zone in a small vertical Globar resistance furnace. Conditions 
were then such that when the alloys were moved out of the hot zone they solidified while 
the temperature gradient prevented the condensation of arsenic on the walls about the 
void space. Analysis showed that alloys prepared in this manner were within 0.03 weight 
per cent units of the original mixture. 

Alloys were annealed in evacuated pyrex or quartz ampoules in the usual manner. To 
quench samples from the melt, the ampoule was suspended by a fine quartz fiber from a 
brass weight slightly smaller in diameter than the central tube of the vertical resistance 
furnace. With the whole system filled with argon, the ampoule containing the molten 
alloy and the weight were allowed to fall freely into a brass receiver containing water 
at 0° C. In all instances the ampoule was shattered before solidification of the alloy could 
occur. 


2At this point the majority of alloys showed evidence of fusion indicating a rather high negative enthalpy of 
formation. If the products were ground and reheated in vacuo at 700° C. for a similar period, the reactions were 
found to be essentially complete, but the powder diagrams lacked definition at high orders. 
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Room temperature powder diagrams were taken in 11.46 cm. Norelco cameras with 
CoK, radiation. Patterns at higher temperatures were obtained in a 19 cm. Unicam 
high temperature camera. Since the silica specimen tubes used in this camera were 
attacked, particularly by those alloys rich in cobalt, it was necessary to minimize as far 
as possible the time required to obtain a series of powder diagrams of any given alloy. 
To this end we chose to use CuK, radiation in spite of the loss in clarity on the film 
due to fluorescence. In general, camera and specimen were allowed to equilibrate for 8 
hours at each temperature and 12-14 hour exposures were made overnight. 


RESULTS AND DISCUSSION 


Our conclusions with respect to the compounds existing in the Fe/As system at room 
temperature are in complete agreement with the results of Hagg (2, 7) and Fylking (5). 
In view of Hagg’s thorough study, we did not attempt any comprehensive investigation 
at higher temperatures. 

There is considerable similarity between this system and the Co/As system, and 
it is convenient to discuss them simultaneously in terms of the compounds formed. 


The M;As, Compounds 


No compound exists in the Fe/As system. 

Powder diagrams of cobalt alloys containing 22 to 35% As by weight show the presence 
of two phases, the a solid solution of As in Co, and the compound Co,As, regardless 
of the heat treatment of the samples. This is not conclusive evidence that CosAs2 does 
not exist, since a fast peritectic or peritectoid decomposition at high temperature might 
not have been quenched by our techniques. Investigations of alloys with the composition 
of this compound in the high temperature camera were only partly successful owing to 
attack of the silica specimen capillaries at temperatures above 700° C. Nevertheless in 
the few photographs which were obtained up to 800° C., there is no indication that a 
new phase is formed. Therefore, if the compound Co;As» exists, it is stable only at high 
temperature and at some temperature above 800° C. must decompose to CosAs and the 
solid solution of As in Co. 


The M.As Compounds 


Fe.As is end-centered tetragonal, space group P4/nmm, (Diy), with unit cell dimen- 
sions a = 3.627 A and c = 5.981 A, in good agreement with Hagg’s values of 3.627 A 
and 5.973 A. The interplanar spacings, indices, and observed intensities of the powder 
diagram are recorded in Table I. 

The corresponding cobalt compound at room temperature is not isostructural with 
FesAs, nor does it exhibit the hexagonal Fe,P or the orthorhombic Co.P structure. 
Between 400° and 500°C. the room temperature modification, aCo.As, undergoes a 
slow transition to a second crystal form, BCo.As. When the camera temperature was 
increased by 30—50° increments from 340° C. at 24-hour intervals, the diffraction pattern 
of BCo2As appeared between 490° and 520° C., and was replaced by the aCoeAs pattern 
between 402° and 388° C. when the compound was cooled. 

The high temperature modification is hexagonal and apparently isostructural with 
Fe,P. In Table II the intensities of the reflections are compared with the intensities of 
the corresponding reflections of Fe,P (9) and isostructural Ni,P (14). The agreement is 
satisfactory, particularly when allowance is made for the obvious difference in relative 
exposure times of the Fe.P and the CoeAs patterns. 
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TABLE I 
POWDER DIFFRACTION PATTERN OF FesAs 
(P4/nmm (Di, end-centered tetragonal; a = 3.627+0.002 A: c = 5.981+40.004 A; CoKa, radiation; 
Fe filter; \ = 1.7889 A; temp. 24° C.; camera diameter, 11.46 cm.; cutoff, 20 A) 














Tovs hkl dobs deale | Tobs hkl dovs deale 
3 001 5.90 5.97 45 203 1.34 1.34 
20 101 3.08 3.10 || 35 220 1.28 1.28 
20 002 2.98 2.99 30 213 1.257 1.258 
40 110 2.55 2.56 15 204 1.152 1.154 
60 111 2.35 2.36 5 310 1.144 1.147 
50 003 1.98 1.99 15 105 1.135 1.136 
100 112 1.94 1.95 12 311 1.125 1.126 
65 200 1.81 1.81 20 115 1.083 1.085 
40 103 1.74 1.75 5 223 1.078 1.079 
5 211 1.56 1.57 70 312 1.071 1.071 
5 202 1.54 1.55 | 10 224 0.9736 0.9734 
10 004 1.49 1.50 30 215 0.9627 0.9628 
TABLE II 


¢: POWDER DIFFRACTION PATTERN OF BCosAs 
(P62m (D3,)3 hexagonal Fe2P structure; a = 6.066+0.02 A; c = 3.557+0.01 A; CuKa, radiation; Ni filter; 
\ = 1.5405 A; temp. 475° C.; camera diameter, 19 cm.; cutoff 8.5 A) 











Tobs I¥e,P* Tx io p* hkl dobs deale 
20 50 — 110 3.02 3.03 
5 50 — 101 2.93 2.95 
Wes 50 — 200 
90 100 100 111 2.30 2.31 
100 100 80 201 2.11 2.11 
80 100 80 210 1.98 1.98 
20 100 anf 002 1.77 1.78 
80 100 sel | 300 1.75 1.75 
80 100 40 211 1.73 1.73 
30 20 — 220 1.52 1.52 
70 70 40 310 1.45 1.46 
— 50 — 221 
10B 70 40 311 1.346 1.348 
20B 100 60 212 1.321 1.325 
= 50 — 400 
40 100 60 302 1.246 1.248 
20 50 — 410 1.145 1.146 
60 100 80 321 1.141 1.141 
50 40 312 
10B 412 0.9631 0.9637 
5B 421 0.9567 0.9561 
10B 511 0.9123 0.9120 
20B 323 0.8455 0.8453 





*Intensities of the reflections from es planes in Fe2P and NizP 
Fe:P a = 6.85 A, c = 3.45 A; 
NiP a = 5.86 A, c = 3.87 A. 


The structure of aCo2As is closely related to the structure of the 6 form. A hexagonal 
cell, very similar in dimensions to the hexagonal unit cell of 8CoAs, is readily obtained 
when the diffraction pattern is subjected to analysis, and the majority of reflections are 
of comparable intensity with the corresponding reflections of the high temperature 
modification. However, one reflection at d = 1.91 A cannot be indexed using this cell. 
This broad reflection, weak in intensity, occurs in all patterns of this phase, and is 


~ 


not diminished or enhanced in intensity or clarity by annealing at 300° C. for 4 weeks, 
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or by chilling from 400° C. Its relative intensity is not decreased by doubling the thick- 
ness of the beta filters, so it does not appear to result from beta: radiation. It is not 
likely to be the result of ‘‘double internal diffraction’’ because it appears regardless of 
the wavelength of the radiation. It cannot be indexed if c of the pseudohexagonal cell 
is doubled, but may be if a is doubled, although it seems unlikely than an order—disorder 
transformation which might be suggested to justify doubling this dimension would 
lead to such a marked change in dimensions on transformation to the 8 (disordered) 
form. We conclude that Co.As is pseudohexagonal, true symmetry unknown. 

For purposes of identification, the diffraction pattern of aCoeAs is recorded in Table 
III. The unit cell dimensions of BCo2As and the pseudohexagonal aCoeAs cell at various 
temperatures are given in Table IV. 


TABLE III 
POWDER DIFFRACTION PATTERN OF a@CooAs 
(System and space group: unknown; 
pseudohexagonal cell: a = 5.97 A, c = 3.58 A; 
CoK,, radiation; Fe filter; \ = 1.7889 A; 
temp. 24° C.; camera diameter, 11.46 cm.; cutoff 20 A) 








| 

















| ae dobs law dobs 
10 2.98 10 1.320 
100 2.29 80 1.241 
80 2.09 1 1.146 
30 1.95 80B 1.128 
3B 1.91 2B 1.107 
30 1.78 2B 1.083 
100 1.72 | 5B 1.018 
20 1.71 | 8B 0.9959 
2B 1.53 60 0.9559 
5B 1.50 | 20 0.9013 
TABLE IV 
CHANGE IN THE HEXAGONAL BCooAs LATTICE DIMENSIONS (IN A) WITH TEMPERATURE 
an °C.) 
nT 408°* 475° 550° 648° 766° 810° 915° 
a 5.97* 6.01* 6.06 6.07 6.09 6.10 6.11 6.12 
c 3.58* 3.61* 3.56 3.55 3.56 3.55 3.56 3.56 
c/a 0.599*  0.601* 0.587 0.585 0.585 0.582 0.583 0.582 





*Pseudohexagonal aCo2As. 


The M;As. Compounds 


None of our iron/arsenic alloys quenched from temperatures above 800° C. showed 
any indication of a compound in this region. Hagg’s evidence for the stability of Fe;As» 
above 795° C. is such that we did not attempt to repeat his study. 

Alloys of cobalt and arsenic in the corresponding concentration region at room tem- 
perature showed only the patterns of aCo,As and CoAs regardless of heat treatment. 
In the high temperature camera, these patterns were observed at temperatures up to 
920° C., the lines due to aCo.As being replaced by those of BCo.As between 400° and 
500° C. At 940° C. a new pattern was obtained which had no lines in common with 
either the BCosAs or the CoAs patterns at the same temperature. There was no indication 
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in the diffraction pattern or in the state of the specimen recovered from the camera that 
a liquidus phase had been formed. 

Since only two alloys were studied (44.2 and -45.8% As), the exact composition of 
the compound formed between 920° and 940° C. cannot be precisely defined; but the 
complete absence of 8CosAs and CoAs reflections in the X-ray diagram indicates that the 
stoichiometric formula is very close to Co3As2 (45.87% As). 

The quality of the powder diagram at 940° C. was poor, with 10 lines visible in the 
low order region and none at higher orders. These lines could not be indexed on simple 
cubic, hexagonal, or tetragonal cells, and we do not feel justified in proposing a unit 
cell of large dimensions or a cell of symmetry less than tetragonal. 


The MAs Compounds 


Iron arsenide, FeAs, crystallizes in the orthorhombic system, space group Puma 
(V}*), with unit cell dimensions a = 3.372 A, b = 6.023 A, and c = 5.432 A, with an 
uncertainty of 0.002 A. These values are in good agreement with those reported by 
Hagg: 3.366, 6.016, and 5.428, in kX units. 

Cobalt arsenide, CoAs, is isostructural with FeAs, with the dimensions a=3.458+ 
0.002 A, b = 5.869+0.005 A, and c = 5.292+0.006 A. Not only are the systematic ex- 
tinctions consistent with the Puma space group, but the intensity of any given reflection 
is comparable to the intensity of the reflection from the same plane in FeAs. A column 
giving the intensities of the corresponding reflections in the FeAs powder diagram is 
given in Table V, which lists the first 10 lines of the CoAs pattern, and subsequently 
all lines with relative intensity of 20 or greater. 


TABLE V 
POWDER DIFFRACTION PATTERN OF CoAs 
(Pnma ( Va: orthorhombic Fes structure; a = 3.458+0.002 A; 5 = 5.869+0.005 A; c = 5.292+0.006 A; 
CoKa, radiation; Fe filter; \ = 1.7889 A; temp. 24° C.; camera diameter, 11.46 cm.; cutoff 20 A) 














Tote Tveas* hkl dobs deale | Tobe Ives” hkl dobs deste 
90 100 ill 2.59 2.61 | 50 50 222 1.301 1.301 
60 70 021 2.55 2.57 || 20 30 104 1.233 1.237 

1 ued 012 2.39 2.41 | 50 50 114 1.210 1.210 
15 30 102 2.09 2.11 | 20 15 232 1.165 1.168 
50 60 121 2.06 2.07 | 20 20 311 1.134 1.134 

100 100 112 1.97 1.98 | 20 15 241 1.098 1.098 

40 60 022 1.95 1.96 | 20 20 034 1.094 1.096 

2 5 031 1.82 1.84 | 50 50 143 1.072 1.073 

40 50 200 1.74 1.74 || 60 (40) 312 1.047 1.047 
50 80 130 1.70 1.71 | 60 20 330 0.9993 0.9988 
30 15 013 1.68 1.69 | zoR 10 251 0.9573 +a 
50 50 221 1.437 1.442 || ¢ 50 125 saad 0.9571 
20 40 041 1.409 1.414 | 60 60 234 0.9271 0.9276 
| 40 20 062 0.9172 0.9176 





*Intensity of reflection from corresponding plane in powder diagram of Fess. 


The parameters of the cobalt and arsenic positions in CoAs are probably not much 
different than the parameters of iron and arsenic in FeAs. For both compounds, the 
distortion from the more symmetrical hexagonal NiAs structure is small, the ratio 
b/a for FeAs being 1.786, and for CoAs 1.684, as compared to 1.732 for an orthohexagonal 
cell. Both compounds expand anisotropically with increasing temperature in such a 
way that these ratios approach the orthohexagonal value as shown in Fig. 1. Between 
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Fic. 1. Effect of temperature on the ratio b/a for the orthorhombic unit cells of FeAs and CoAs. 
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Fic. 2. Lattice dimensions a and c for the solid solutions of Co in hexagonal NiAs and Ni in orthorhombic 
CoAs. 


944° and 960° C. orthorhombic CoAs undergoes a transformation to BCoAs which is 
hexagonal and isostructural with NiAs. It is possible that FeAs undergoes a similar 
transition below its melting point, but we were unable to obtain satisfactory patterns 
above 900° C. owing to attack of the silica specimen capillaries. 

Orthorhombic unit cell dimensions at various temperatures are recorded in Table VI, 
and the approximate mean thermal expansion coefficients in the 25°-900° C. range, 
along the three axes, in Table VII. 

As might be expected, substitutional solid solutions of Co in NiAs are formed over a 
considerable concentration range; for alloys annealed at 700° C. and chilled to room 
temperature, the NiAs structure is retained even when 80% of the nickel atoms have 
been replaced by cobalt (see Fig. 2). The substitution of Ni for Co in the CoAs lattice 
is correspondingly limited. Between the concentrations equivalent to Nio.1sCoo .s5As 
and Nio.osC0p.9sAs two solid solutions are represented in the powder diagrams. 

Comparison of the lattice parameters of FeAs and CoAs in the presence of the phases 
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TABLE VI 
CHANGE IN FeAs AND CoAs ORTHORHOMBIC UNIT CELL DIMENSIONS (1N A) 
WITH TEMPERATURE (IN °C.) 





























FeAs 

20° 310° 452° 618° 748° 896° 

a 3.37 3.41 3.43 3.45 3.47 3.49 

6.02 6.03 6.08 6.07 6.10 6.12 

C 5.43 5.44 5.44 5.45 5.47 5.48 
20° 270° 460° 904° 944° 960°* 1010°* 
a 3.47 3.49 3.50 o.51 3.52 3.53 3.53 3.56* o.o0° 
b 5.86 5.92 5.94 5.99 6.04 6.08 6.09 6.17" 6.18* 
c 5.27 §.27 5.25 §.25 §.25 5.24 5.24 5.22° §.23* 





*Orthohexagonal unit cell of BCoAs. 
TABLE VII 
APPROXIMATE COEFFICIENTS OF EXPANSION OF THE MAs 


COMPOUNDS PER DEGREE CENTIGRADE, 0°—900° C. 


aa X 108 ay X 108 a. XK 10% acu X 10° 











FeAs 40+4 14+2 812 62+6 
CoAs 2243 34+4 —4+4+2 51+6 





above and below the compositions of these compounds indicates that unlike NiAs and 
many compounds with the NiAs structure, FeAs and CoAs do not exist over any 
appreciable concentration range. 


CONCLUSIONS 

This limited study is sufficient to show the marked similarities in the Fe/As and 
Co/As systems. Both exhibit M2:As and MAs compounds at room temperature and an 
M,;As. compound stable only at high temperatures. The MAs compounds are isostructural. 
Accepting our hypothesis that BCoo.As has the Fe2P structure, Coo.As and FesAs are 
also closely related. The difference in these two structures is most readily described in 
terms of the co-ordination of the metalloid atoms; while the arsenic atoms in FeoAs 
are surrounded by nine iron atoms in two groups of four atoms at 2.4 A and 2.6 A, 
and one other atom at 2.5 A, the Fe.P structure is such that the nine metal atoms are 
arranged in two groups of three at ca. 2.5 A in BCo2As, and three at 2.3 A. The planes of 
nearly close-packed metal atoms occurring in the Fe.As structure do not occur in the 
‘Fe.P structure. 

It may be remarked that while there is considerable similarity between these two 
compounds, there is virtually no difference between the hexagonal CozAs (Fe2P) structure 
and the orthorhombic CoP (PbCl:) structure, the pseudohexagonal nature of the latter 
being very well defined. 

We were able to find no crystallographic explanation for the discontinuities observed 
by Kochnev in the decomposition pressures of Coo.As and CoAs. The determination of 
vapor pressures by the Knudsen effusion method is technically difficult, particularly at 
high temperatures, and it may be that insufficient allowance was made for experimental 


uncertainty. 
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The fact that alloys corresponding in composition to the compound Co;As2 gave 
decomposition pressures lower than CoAs at temperatures where, according to our 
observations, the alloy consists of a mixture of CoAs and CozAs would seem to indicate 
that equilibrium was not attained in the Knudsen cell. This argument is also applicable 
to the vapor pressure data on the mixtures corresponding in composition to Co;Aso, 
and consequently must be extended to include the possibility that equilibrium con- 
ditions were not obtained even for the single phase alloys Coo.As and CoAs. 

It is a basic prerequisite of the application of the Knudsen equation to weight loss 
data of this type that equilibrium exist on the high pressure side of the orifice, that is, 
that the liquid or solid be able to supply the vapor at a rate much greater than the rate 
of effusion through the orifice. Strictly speaking, of course, even under the most ideal 
conditions removal of vapor disturbs the equilibrium and introduces a finite error. 
Nevertheless the method has been used recently by Searcy and his co-workers with 
great success in measuring vapor pressures at very high temperatures. It is interesting 
to note that for one compound, Mo;Ge, the method was unsatisfactory because equili- 
brium was not established over the solid (15). To eliminate this possible source of error 
from the Co/As decomposition pressure data it may be necessary to repeat the experi- 
ments with the object of determining the dependence of the decomposition pressure on 
orifice area. 
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THE DIELECTRIC PROPERTIES OF METHANOL AND METHANOL-d' 


D. W. Davipson 


ABSTRACT 


The dielectric properties of methanol and methanol-d were examined between liquid 
nitrogen and room temperature at frequencies between 40 and 10® cycles per second. In 
addition to the large increase in the dielectric constant within solid CH;OH at 159.6° K.., 
there is evidence of a further, gradual transition at about 155° K. Similar changes in CH;OD 
occur at 163.2° and about 157° K. Dispersion processes within the solid are discussed in terms 
of misaligned crystallites and polarization at the interfaces between crystallites and between 
regions of solid and liquid. Conductance maxima near 130° K. are tentatively related to the 
methanol—water eutectic. Static dielectric constants of liquid CH;OD are a little lower than 
those of CH;OH, while relaxation times over a limited temperature range above the freezing 
point are some 35% higher; the activation energies for dielectric relaxation of the two mole- 
cules in the liquid state are approximately the same (3.5 kcal./mole). 


INTRODUCTION 


Smyth and McNeight (24) have shown that the transition at 160° K. from the mono- 
clinic (a) to the orthorhombic (8) form of solid methanol is accompanied by an increase 
in dielectric constant. In view of the discovery by Staveley and Hogg, in a recent 
dilatometric investigation (26), of a second transition some three degrees below the 
principal transition temperature, and in view of the uncertainty about the exact nature 
of the dispersion that occurs at audio-frequencies in the 6 phase, a new, more thorough 
investigation of the dielectric properties of solid methanol seemed justified. The results 
of the present work on solid methanol in general confirm those of Denney and Cole (8), 
which appeared while the present work was underway, but are in some respects a little 
more detailed. 

The dielectric properties of CH;OD are reported here for the first time. As for CH;0H 
the presence of a second transition within the solid state of CH;OD is suggested by the 
dilatometric data (6) and by specific heat anomalies in the vicinity of the a—8 trans- 
formation (25). 

The effect of deuterium substitution in the hydroxyl group on the relaxation times for 
the primary dispersion of liquid alcohols appears to have been investigated only in the 
case of n-octanol (4) where, at temperatures where the data are most reliable, deuterium 
substitution raises the relaxation time by less than 10% (17). In the present work the 
relaxation times of liquid CH;OH and CH;OD have been estimated from the absorption 
conductance measurements over a temperature range extending 35° above the freezing 
points. 


EXPERIMENTAL METHODS AND MATERIALS 


Measurements were made, using the substitution method, with a General Radio 716-C 
Capacitance Bridge and 716-P4 Guard Circuit over a frequency range extending from 
40 cycles to 1 megacycle per second. 

Two three-terminal stainless steel sample cells were used. In Cell 1 the parallel plate 
electrode assembly consisted of an upper circular electrode and a surrounding guard ring 
both mounted on a Teflon block connected to the shaft of a micrometer screw head and a 

1\Manuscript received January 4, 1957. 
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lower electrode held in a Teflon block fixed to the bottom of the stainless steel can which 
formed the body of the cell. The effective electrode diameter was 2 in. and the inter- 
electrode distance was variable between 0 and 0.5 in. 

Cell 2, modelled after the cell of Gross and Taylor (11), was of the coaxial cylindrical 
electrode type and had an air capacitance of ~5 yuf. The measured capacitance was 
independent of sample volume between 10 and 13 ml. 

To avoid condensation within the cell of water from the atmosphere, cell 2 was enclosed 
in an air-tight chamber, the main features of which are indicated in Fig. 1. The cell fitted 
snugly into the copper can which formed the bottom of the cell chamber and the electrode 
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and thermocouple leads were brought out through the Pyrex top in the manner shown. 
In order that samples of low volatility could be heated to 300° C., Teflon was the in- 
sulating material in the connecting cable and all electrical joints in the lower part of the 
chamber were made with silver solder. The cable was sufficiently flexible that the excess 
length (not shown) could be folded within the upper part of the chamber when the 
ball-and-socket joint was assembled. 

The thermostat consisted of an aluminum block into which fitted the cell chamber 
containing cell 2 to a height of a few inches above the copper—Pyrex seal. Cell 1 sat in a 
similar block. In either case, the block was wound with a heater, heavily lagged with 
asbestos, and placed in a large copper can which was mounted in a wide-mouthed 5-gallon 
Dewar flask. Liquid nitrogen in the latter was held to an approximately constant level 
by means of a Dekhotinsky-type thermoregulator which controlled the flow of nitrogen 
into the Dewar flask from the external tank. The block heater was controlled by a therm- 
istor placed in a hole drilled in the block. The thermistor formed one arm of a Wheatstone 
bridge, in the usual manner. Because, however, of the high resistance acquired by the 
thermistor at low temperatures, it was found necessary to amplify considerably the 
unbalance current of the Wheatstone bridge. The output from the amplifier was fed 
into a sensitive (50 microampere) d-c. relay which controlled the heater circuit. Tempera- 
ture control to at least +0.05° C. was realized to below 120° K. 

Temperature was measured by means of two copper—constantan thermocouples, one 
within the cell and the other within the block. These had been calibrated to at least 
0.2° C. down to liquid nitrogen temperature. 

Because of the tendency of 8 phase methanol to persist to low temperatures, a thermal 
conditioning procedure was followed before each run was begun (26). This involved 
cooling the sample to 120° K., heating slowly to about 153°, where the sample was kept 
for several hours, and then recooling to the starting temperature for the run. Preliminary 
heating runs on CH;OH, with no thermal conditioning, showed a drop in the value of the 
dielectric constant near 150° K., an effect which did not recur on cooling or on cooling 
and reheating. Most runs were made with increasing temperature, some with tempera- 
ture allowed to increase continuously (heating rate 2° per hour or less), but most with 
discrete jumps in temperature from one thermostat setting to another. In the latter case, 
at least 3 hours was allowed for new thermal equilibrium to be established. 

Baker’s Analyzed Reagent Grade Absolute Methanol was distilled over aluminum 
amalgam to give a product which had a conductivity less than 10-7 ohm cm.~'!. This 
conductivity invariably increased initially over a period of days in the cell, probably 
because of the dissolution of small quantities of metallic ions from the cell walls since 
the Fischer reagent indicated no increase in water content. 

Two samples of methanol-d were provided by Dr. L. C. Leitch of the Pure Chemistry 
Division. Initial attempts to dry CH,0D with aluminum amalgam resulted in significant 
reduction in the deuterium content. Calcium oxide, freshly dried at 600° C., was finaliy 
used as drying agent. The infrared spectrum of the CH;OD used indicated less than 
1% CH;OH. 

Densities of the driest samples of CH;OH and CH;OD were determined with the 
quartz pycnometer previously mentioned (7). These were, for CH;OH, d%° = 0.79141 
(the ICT value is 0.79134) and for CH;0OD, 0.81252 (compared with 0.81269 given by 
Staveley and Gupta (25)). 
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RESULTS 

Within the low temperature a@ phase (except for a region extending a few degrees 
below the a—8 transition) the radio-frequency dielectric constants of CH;0H and CH;0D 
are the same within experimental reproducibility, and this is also the case for the high 
temperature 8 form. Within the liquid phase, the values of the static dielectric constants 
of CH;O0D are slightly lower than those of CH;OH at the same temperatures, although 
these values are practically identical if compared at the freezing points. The 8 phase of 
CH;OD exists over a 10-degree range of temperature in comparison with the 15 degrees 
covered by this phase in CH;OH. 


Phase Transitions 


Fig. 2 shows the region of the solid—solid transitions of CH;OH. The unbroken curve 
represents the constant value (e€,) of the dielectric constant measured at frequencies of 
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Fic. 2. Solid CH;OH. 











about 100 kc./sec. and higher. That frequency-independent values of ¢’ in the 6 phase 
are reached in this frequency range has been pointed out by Denney and Cole (8). There 
is a small and gradual increase in ¢, in the vicinity of 155° K. which probably has the same 
origin as the gradual increase in molar volume observed by Staveley and Hogg near 
156° K. (26). This will be called the a-a’ “transition” below. The value of « jumps 
abruptly at the a’—8 transition and continues to rise slightly with increasing temperature 
in the 6 phase until it turns sharply upward near the melting point. 

The lower broken curve of Fig. 2 illustrates the behavior of the dielectric constant at 
fixed audio-frequency for the same sample as the unbroken curve. Dispersion for this 
sample is thus evident at temperatures considerably lower than the transition points. 

Whereas the lower two curves refer to measurements in which the sample was in 
thermal equilibrium with the thermostat, the upper broken curve shows the behavior 
at 1 kce./sec. of a sample which was continuously heated. The dielectric constant passes 
through a peak at the temperature of the principal transition. This is probably a result 
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of Maxwell-Wagner polarization during the coexistence of the two phases. There is a 
pronounced conductance maximum at the same time. The same curve shows the drop 
in dielectric constant below 150° K. always noticed for samples which were not 
thermally-conditioned. This effect is attributed to the disappearance of some 8 phase 
methanol which was ‘‘frozen in’’ during the original cooling of the sample. 

Fig. 3 shows « for CH;OD in the transition region (solid curve) together with values 
of the dielectric constant measured at a fixed frequency (dashed curve). The dotted curve 
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Fic. 3. Solid CH;OD. 


refers to values of €, obtained with a sample containing 0.2 weight per cent DO. There is 
a gradual but pronounced rise in « for the dry sample near 157° K. which tends to be 
obscured in the presence of water. The dilatometric results show the a-a’ transition to 
occur at about 158° K. for this molecule. The change in « at this transition in CH;OD 
appears to be greater than in CH;OH. There is again an abrupt rise in « at the a’—8 
transition which occurs at 163.2° K. for CH;,OD. 


Dispersion in the Solid 

Fig. 4 shows a series of dispersion curves obtained for solid CH;OH at a number of 
temperatures. Numbers beside points are measurement frequencies in cycles/sec. All 
the unbroken curves refer to the same sample. There is no indication of a significant 
change in the nature of the dispersion in the region of the gradual transition. However, 
such a change does occur at the a’—8 transition, as indicated by the difference between 
the plots obtained at 158.4° and 160.4° K. It is evident that the value of e’’ obtained at 
a given frequency passes through a maximum at this transition temperature. The loss 
exhibited by the orthorhombic modification subsequently increases rapidly with in- 
creasing temperature. 

In the 8 phase there was considerable variation in the dispersion behavior of different 
samples. This variation is shown in its extreme form by the difference between the solid 
curves and the two broken curves in Fig. 4. The first of the latter (at 170.9° K.) forms 





op cegee 


DAVIDSON: DIELECTRIC PROPERTIES 463 























saa | —t0 
0.8}— + ey 
—49 
o6|— '141,9°K 146.5°K waste / aa | 
E - = 
0.4}— 4 4 4 
500, 47 
0.2}— 100 + = po 
’ ai w / 157.5°K 158.4°K 160.4°K JI, 
oe te Sie se 
a0 632 «(34 32.34 «036 a2. 34 #36 38 
100 oe 
40 4 gs “4 


al 


























um w» + Jf + | di 
O}-— 4 Fi + L 4 / / / —! 
oUl#t tiivet itive | , ae wh i 

‘ 6 4 


Fic. 4(a). Cole—Cole plots for solid CH;OH. 
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part of an arc of a circle, and in the second (at 174.8° K.) the arc is more complete. The 
frequency coverage for this early sample was not sufficiently great to establish the shape 
of the curve at low frequencies. 

For CH;OD the dispersion curves followed much the same sequence with increasing 
temperature as for CH;OH (Fig. 5). In CH;OD the arc was usually better defined before 
it turned upward at low frequencies. At the a’—8 transition there was again a marked fall 
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Fic. 4(c). Cole—Cole plots for solid CH;OH. 


in e’’. Within the 6 phase, some samples showed evidence of two or more overlapping 
dispersion processes (see, for example, the locus at 169.2° K.). 


Low Temperature Conductance Anomaly 

All samples of CH;OH showed a small conductance maximum at low audio-frequencies 
near 130° K. although the magnitude varied from one sample to another and tended to 
decrease for a given sample with time. Fig. 6(a) illustrates this effect for two samples, 
one of which was taken through this temperature several times. The peak occurred with 
both increasing and decreasing temperature. As shown in Fig. 6() there seems to be a 
slight increase in dielectric constant in the same region. A similar conductance peak was 
observed at about 132° K. in most samples of CH;OD. For both methanols the tempera- 
ture at which the peak occurs appears to be independent of frequency for the low 
frequencies at which the effect could be detected. A few degrees higher the conductance 
begins to increase rapidly. 


Liquid Measurements 

Some values of the dielectric constants of liquid CH;OH and CH;OD, together with 
a few values of 7, are given in Table I. The latter are the observed, rather than the 
“‘Lorentz-field corrected’’, relaxation times and were obtained from the absorption 
conductance 


Rabs = Rovs— Rac. = 3.496 X 10-?f?7(€9 — e1) 


by a least squares treatment. Here f is the frequency of measurement and the k’s are 
specific conductances. ¢, was evaluated at each temperature by assuming the constancy 
of («.—1)V/(a+2) (in which V is the molar volume) and that « = 6.0 at 20°C. (20) 
for both molecules. The resulting values of « are larger than those obtained with e« at 
20° C. taken as 5.3, the value recently reported by Poley (19), and smaller than those 
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Fic. 5. Cole—Cole plots for solid CH;0D. 


given by Denney and Cole (8), which are presumably based on extrapolations in tempera- 
ture and composition of experimental values for methanol—n-propanol solutions at lower 
temperatures. 

Use of the equation above for the determination of the relaxation time from the 
absorption conductance assumes that a single relaxation time is adequate to describe 
the principal dispersion process. That this is so for liquid methanol is suggested, inter 
alia, by the microwave data of Saxton (20) on methanol at higher temperatures and by 
detailed investigations of the nature of the dispersion in other alcohols that lend them- 
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Fic. 6. Conductance (a) and dielectric constant (b) anomalies in CH;OH near 130° K. (frequency = 500 
cycles/sec.). The arrows in (b) indicate the temperatures of the conductance peaks in (a). 


selves to supercooling to low temperatures where their behavior may be conveniently 
examined at radio and audio frequencies (5, 7, 13). 

The accuracy of the 7’s reported is limited primarily by the necessity of subtracting 
large values of the d-c. conductance from the observed conductance and by the restriction 
of the experimental frequencies to a range considerably lower than the critical frequency, 
(2x7). 
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TABLE I 
LIQUID DIELECTRIC PROPERTIES 

















CH;0H CH;0D 
7 (°R,) €0 é1 tT (sec.) ICKY €0 é1 r (sec.) 
176.6 73.08 8.5 3.36 X10-° 174.3 (70.99) 8.6 5.26 X10-9 
180.7 70.91 8.4 2.88 176.3 72.73 8.5 4.34 
182.0 70.52 8.4 2.32 178.5 71.31 8.5 4.65 
190.9 65.64 8.1 ery 180.8 70.15 8.4 3.65 
193.5 65.10 8.0 1.44 184.3 68.21 8.3 3.02 
204.6 59.85 pe 0.90 190.1 65.23 8.1 2.26 
212.3 56.51 197.0 62.00 7.9 1.79 
223.1 52.50 205.7 57.93 ee 1.14 
232.7 49.19 209 .7 56.81 
250.6 43 .52 217.9 53.86 
260.0 40.85 227.0 50.24 
262.0 40.48 238.0 46.28 
74.2 37 .68 252.5 42.16 
279.5 36.45 265.3 38.49 
294.2 33.42 273.1 36.59 
73.6 36.41 
278.4 35.44 
285.8 33.89 
297 .5 31.68 
DISCUSSION 


The dielectric properties of solid methanol are not qualitatively affected by substitution 
of deuterium in the hydroxyl group. On the whole, the calorimetric, dilatometric, and 
dielectric studies of CH;0H and CH;OD establish the same sequence of ‘‘phases’’. The 
transitions occur at temperatures which differ by only a few degrees in the two molecules. 
a-a’ Transition 

As in the dilatometric studies, this “transition” appears as a gradual one in the di- 
electric measurements. The anomalous rise in « is centered near 155° and 157° K. for 
CH;0OH and CH;OD, respectively, in each case a degree lower than the temperature at 
which the coefficient of expansion reaches its maximum value. In neither method, 
however, is it easy to estimate these temperatures accurately. The change in polarization 
is not great, but despite the complications produced by the presence of the much more 
pronounced a’—8 transition only a few degrees higher, the effect seems to be rather 
greater than would be expected from the volume changes alone (that is, the reduction 
in air gaps produced by sample expansion), especially for the deuterated alcohol. Beyond 
the indication of a slight increase in polarization, the dielectric results do not affect 
substantially the uncertainties connected with the origin of this transition which have 
been discussed elsewhere (26, 6). 


a’—B Transition 


The present dielectric results indicate that this transition occurs in CH;OH at 159.6° 
and in CH;OD at 163.2° K. In each case it marks the change from the low temperature 
monoclinic to the high temperature orthorhombic modification of the solid. The increase 
in € at this transition is at least 10 times the effect to be expected from reduction of the 
size of the air gaps in the solid sample alone, although this factor makes some contribution. 
Moreover, the difference between « and the square of the refractive index, which provides 
a measure of the contribution to the polarization on the part of orienting molecules 
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(together with atomic polarization), jumps at the transition from a value of about | to 
more than 3. The observation that the magnitude of « in the 8 phase is not significantly 
changed by deuteration suggests that any explanation of the high value of « that is 
based on perturbation by the applied field of the equilibrium positions of the hydrogen 
atoms of the hydroxyl group must be ruled out. 


Low Temperature Conductance Maxima 

There appears to be an interesting correlation between the conductance maximum 
observed at 130° K. (Fig. 6) and an incipient peak detectable in the heat capacity results 
of Staveley and Gupta (25) at about the same temperature. Fig. 7 is a reproduction of 
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Fic. 7. Heat capacity curve of Staveley and Gupta (25) for CH;OH. (Reproduced by permission of 
Dr. Staveley and the editor of the Transactions of the Faraday Society.) 


a figure in their article. Both effects are tentatively interpreted as marking the appearance 
of a small quantity of liquid phase at the eutectic temperature of the methanol—water 
system. Baumé and Borowski (1) report the eutectic temperature of the water—-methanol 
system to occur at approximately 134° K., but there is wide variation in the values of 
this temperature reported in the literature (9). It should be pointed out, however, that 
the high density reported in the paper by Staveley and Gupta (25) (dj° = 0.79216), 
which could be taken to indicate ~0.25% water, is a misprint and should read 0.79126. 
(We are indebted to Dr. Staveley for drawing this to our attention.) This density, which 
was carefully determined, gives no evidence of appreciable water content. 

Visual examination of methanol to which some water has been added shows that as 
the temperature rises between the eutectic and the melting point, drops of liquid rise 
and collect above the solid. The conductance peak may thus arise from the interfacial 
polarization between well-dispersed liquid regions and the solid, since the polarization 
conductance would be expected to fall temporarily as patches of liquid coalesce and 
grow in size. It is, however, difficult to account for the appearance of the peak with 
decreasing temperature on this basis. 

Some additional evidence for connecting the conductance anomaly with the eutectic 
temperature is provided by the appearance of a large second peak in the vicinity of 
123° K. when a sample containing added water is rapidly cooled in liquid nitrogen. This 
peak may arise at the eutectic temperature of supercooled 8 phase methanol since this 
temperature must be lower than that for the a phase. This second peak disappears when 
the sample is ‘‘annealed”’ to ensure the absence of the 6 form. 

A few degrees above the peak the conductance again begins to increase, as does the 
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value of «. The effect of adding a known amount of water is to increase « in this tempera- 
ture region by an amount rather larger than one calculates for a simple model consisting 
of a layer of liquid in parallel with a solid methanol layer. 

A similar explanation is advanced for the 132° K. conductance peak in CH;OD. 

If the present explanation of the conductance peaks is correct it would appear that 
the measurement of conductance offers a sensitive method of investigating eutectic 
phenomena, at least when the liquid phase is relatively highly conducting. 


Dispersion Effects in the Solid 


The variability in the results shown in the 8 phase by different samples and by the same 
sample with different thermal histories suggests that the dominant dispersion in this 
phase arises from the existence of crystal inhomogeneities, in particular from the presence 
of interfaces between anisotropic crystallites oriented in different directions (as suggested 
by Denney and Cole (8)) and perhaps between solid regions and patches of liquid 
resulting from the presence of a small quantity of water in the sample. It is worth noting 
that the dispersion in the 8 phase seems to be more dependent on the thermal history 
of the sample than on water content (provided this is low) and the dielectric loss was 
sometimes higher for drier samples, whereas the opposite is true for the a phase. 

Such plots as the dashed curves of Fig. 4 for CH;OH and those shown for 6 phase 
CH;0D (Fig. 5) may indicate the presence of true bulk polarization, but this question 
cannot be settled with certainty until it is possible to make measurements on macroscopic 
single crystals of methanol (8). j 

For bulk dispersion arising from dipolar relaxation, different sample histories may 
well change the measured values of the complex dielectric constant since these are 
compounded of contributions from microcrystalline regions whose axes are irregularly 
orientated with respect to the direction of the electric field. However, misaligned crystal- 
lites will also give rise to Maxwell—Wagner dispersion effects at the interfaces if the 
ratio of conductivity to dielectric constant is significantly different along the different 
crystal axes. It is possible that a proton transfer mechanism is responsible for an 
abnormally high conductance in the planes containing the hydrogen bonds. Such an 
explanation has been suggested to account for the high dielectric loss observed over a 
range of temperature below the melting points of long-chain alcohols (14, 15) where the 
existence of an unstable phase in which the hydroxyl groups lie in parallel planes has 
been postulated. 

The high values. of « in the 8 phase strongly suggest the existence of a dispersion 
region at frequencies considerably above 1 Mc./sec. It is possible that this dispersion 
is related to the secondary dispersion reported for several liquid alcohols at frequencies 
much higher than the principal dispersion region. It has been suggested by Saxton (20) 
that the high frequency dispersion—absorption at millimeter wave lengths in liquid 
methanol at room temperature may be due to a resonance absorption, but for other 
alcohols the characteristics of secondary dispersions of this kind have been analyzed and 
interpreted as true relaxation effects involving the reorientation of C—O bond moments 
(12, 5, 8). The possibility that the methyl group possesses some freedom, in the high 
temperature form of solid methanol, to take up new positions with respect to the hydroxy] 
group finds some support in the large amplitudes of thermal motion of atoms out of the 
plane of the hydrogen bonds, as reported by Tauer and Lipscomb (27), and in the 
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Fic. 8. Static dielectric constants of liquid CH;OH and CH;0OD. 
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Fic. 9. Relaxation times of liquid CH;0H and CH;OD. 
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negligible effect of deuterium-substitution on the value of ¢.. Measurements at much higher 
frequencies are clearly desirable. 


Effects of Deuteration on the Properties of Liquid Methanol 


In Fig. 8 values of the static dielectric constants (€9) of CH;0H and CH;OD are plotted 
against 1/7. Within experimental uncertainty, the data for each molecule fall on a 
straight line and the slopes of the two lines are the same. This implies that the values of 
the Kirkwood correlation parameter (18) do not depend greatly upon the temperature 
and are very nearly the same for the two molecules. €) for CH;O0D is smaller by about 
one unit than for CH;OH over the experimental temperature range. Part at least of this 
difference may be related to the larger molar volume of CH;OD (6). The dielectric con- 
stant of D.O is likewise less than that of H,O in the liquid (28) while the molar volume 
is greater. 

Plots of log r vs. 1/T over the limited temperature range for which the relaxation times 
could be estimated with the present apparatus are shown in Fig. 9, together with some 
values for CH;OH from the work of Denney and Cole (8). Within experimental error, 
these plots are linear, with identical slopes. The activation energy derived directly from 
the slope is 3.5 kcal./mole. 

The relaxation times of methanol-d are some 35% higher than those of methanol. 
Absolute reaction rate theory (10) predicts that r = h/(kT)exp(AF*/RT), that is, that 
isotepic substitution can affect only the exponential factor in the rate equation. In the 
present instance, even if the above expression is assumed to be adequate, it is uncertain 
whether the main effect of deuteration is to change the entropy or the energy of activation. 
A difference of the order of 100 cal./mole between the activation energies of the two 
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Fic. 10. Reciprocal rate plots for liquid CH;OH. Units: 7, 10~® sec., rT, 1077 sec.-deg.; 7, centipoise; 
1/k, 108ohm-cm. 
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molecules could alone account for the difference between the relaxation times, and the 
present data are not sufficiently accurate to rule out a difference of this magnitude. 
Moreover, the validity of the absolute reaction rate theory is especially doubtful for 
dielectric relaxation in strongly hydrogen-bonded liquids, in which the relaxation 
processes, although related to the breaking of hydrogen bonds, appear to involve the 
co-operation of a large number of molecules (8, 21). 

The increase in relaxation times produced by deuterium-substitution in water (3) and 
in methanol, together with the increase in molar volumes, strongly suggests the existence 
in the deuterated molecules of slightly more extensive and more regular hydrogen 
bonding, subject to less frequent thermal disruptions. 

As for other liquid alcohols at low temperatures (7, 22), the temperature-dependence 
of the dielectric relaxation rate is similar to that of other rate processes in methanol at 
temperatures not far above the freezing point. In Fig. 10 the behavior of the relaxation 
time over the temperature range between room temperature and the freezing point is 
compared with that of the viscosity 7 (16) and 1/k (where & is the direct-current con- 
ductance as measured for a particular methanol sample). These quantities may be 
considered as reciprocals of rate constants. The value of the relaxation time at 20° C. 
(5.8X10-! sec.) is the one obtained by Saxton (20) from a compilation of the results 
of a number of workers at different frequencies in the microwave range. Cole and Cole 
(2) obtained a value of 5.9X10-" sec. at 19° C. from the data of Slevogt (23). Despite 
the absence of data over a large temperature interval, log +r appears to maintain its 
linear dependence on 1/T over the whole temperature range. This is not so for the viscosity 
and the d-c. resistance, which at low temperatures have slopes very similar to the slope 
for the relaxation time, but undergo a decrease in slope over the range between 190° and 
200° K. to a value which then remains constant to room temperature and corresponds 
to an activation energy of 2.5 kcal./mole. Thus the rate-determining mechanism may 
well be the same for the three processes at low temperatures, but ionic mobility and 
viscous flow appear not to be limited by the factors responsible for dipolar orientation 
at higher temperatures. For other alcohols the linearity between log 7 and 1/T is not 
maintained at low temperatures, especially in the supercooled state (5, 7, 13). 

There is some reason to believe (from, for example, the rate equation above) that the 
substitution of rT for 7 in the rate plot should lead to a “‘better’’ value of the energy of 
activation for dielectric relaxation. The plot of rT in Fig. 10 is likewise linear, with a 
slope that is slightly smaller than before. Agreement with the resistance and viscosity 
slopes at low temperatures is now not quite as good. 

The d-c. conductance of CH;OD shows much the same behavior as that of CH;OH 
except that now the change of slope occurs between 195° and 210° K. 
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ON FLAME PROPAGATION IN EXPLOSIVE MIXTURES OF GASES 
IV. ON THE DECOMPOSITION FLAME OF OZONE IN MIXTURES RICH IN OZONE! 


ROBERT SANDR? 


ABSTRACT 


The theory of flame propagation in ozone-oxygen mixtures developed in earlier papers of 
the author is applied to mixtures containing 50%-100% ozone. The formulae are modified to 
allow for comparatively high concentration of atomic oxygen. The results are found to be in 
very good agreement with experimental values which have recently become available. 


In an earlier paper (3), the general theory of flame propagation developed by the 
author (2) has been applied to the decomposition flame of ozone. Numerical examples 
were calculated and good agreement between theory and experimental results was 
found to exist in mixtures of ozone and oxygen containing up to 50% ozone. In the 
meantime, experimental data have become available for mixtures rich in ozone and even 
for pure ozone (4) so that it seems to be interesting to apply the theory also to these 
mixtures. 

Some simplifying assumptions have been made in the paper quoted, which were 
based upon the fact that for ozone contents up to 50% the flame temperature is not very 
high so that dissociation of molecular oxygen in the “‘burned”’ gas is negligible. This is 
no longer true for rich mixtures. For instance, decomposition of pure ozone produces a 
flame temperature near 2700° K. and the equilibrium concentration of atomic oxygen 
at this temperature is about 3.5% (volume) of the mixture. The question arises how this 
affects the formulae derived for the concentrations of the components in the flame zone 
and for the flame velocity. 

In the first place, the assumption was made that only two reaction rates in the system 
of possible reactions were significant, namely* 


[1] U_© = 10.56 X 10!n?4/T.yse—28140/8 7, 
[2] Us® = 7.15X 1082 / Tey py se7 800/87, 


where 1 is the total concentration of the mixture, and y; and y; are the molar fractions 
of atomic oxygen and ozone. Numerical checks show that this assumption still holds 
when dissociation is no longer quite negligible, i.e., for comparatively high values of y:. 
The above rates correspond to the reactions 

0o;+X -0,.+0 + X — 24,140 cal., {I} 

O; + O — 202 + 93,210 cal. (IT) 
Further, the conclusion was drawn that, since the concentration of atomic oxygen was 
very small, its rate of formation had to be near zero so that 


[3] U_O-— U7, = @. 


This is no longer true when y; is not very small, i.e., for high flame temperatures, and a 
closer investigation becomes necessary. 

To calculate the flame velocity, an expression is needed for the heat Q produced by 
chemical reactions per unit of space and time. Evidently 

‘Manuscript received January 28, 1957. 

2Division of Mechanical Engineering, Private contribution. 


National Research Council of Canada. 
*Because of a printing error, n appears instead of n* in formulae [1], [2], and [3] in the paper quoted. 
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{4] Q = —qU_%+q2.U,, 
where gi = 24,140 cal./mole, 
gz = 93,210 cal./mole. 


The expression for U_ contains only y3; and is therefore determined by the choice of 
ys. In order to determine U,®, we use the equation of the general theory 


tis dy 2) — 
‘Tet a Vida” * 
where U, is the rate of production of atomic oxygen. Hence 


U; = U_-U,® 


or 


Vo'poc d (2 d ) 
+ op yy eee , Sih Shi _ os 
[5] U. me » “dT\m* dT m/° 


Here J is the thermal conductivity, c, the specific heat per gram of the mixture, and pp the 
specific mass of the cold mixture. The constant 6; (the reduced diffusion coefficient of 
atomic oxygen) does not differ much from unity and can be placed equal to unity, since 
it only appears in a correction term. Likewise, the molecular weight m of the mixture can 
be considered as constant. The variable z can be determined from the differential equation 
of the general theory 


> dz oe = «= _— * 
[6] {‘ i 1) - J ‘state : 


For the evaluation of equation [5], a mathematical expression for y; is needed.. Since 
y1 is present only in the second term on the right-hand side, which is small compared to 
the first, we can use a rough approximation for it which can be calculated from formula 
[3] although this formula is not exactly correct. So we find 


|7] V1 = 1.474e—18140/RT = 1.474e-4 iT 


Substituting this in [5] and utilizing equations [6] and [4], we find 


2 = e.—o.\t7 Ma fe 4 [ Vetoes! 44-4). _ 0 | 
[8] Q = (q2—qi)U_ + 7 FARO Pp) — @—gQ)U- 


This formula can be used for calculating corrected values of the flame velocity as 
follows. The second term is at first disregarded and an approximate heat development 
Q* is computed: 

Q* = (q2—qi) U_™. 
Using Q* and placing 
T;—-T 
[9] is = Yua — = Yay 
s i Ty- To hs 
we can compute an approximate value Voy for the flame velocity by means of the formulae 
of the general theory 


1 | v1 VY 
[10 Vox* = —— j *(n)d 
| | 0H a 3 if (n dn | ’ 
= AQ* A(go—4Gi it 
F*(q) = =a See = SE | 
I » po Cp (T;—To) po Cp (1 ,-—7 sf . 


where 7, is the value of 7 corresponding to the maximum of F*(n). 
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Likewise, approximate values for z can be calculated by replacing Q by Q* in equation 
[6] and integrating step by step. Substituting Vog* for Vo and substituting for y; from 
formula [7], we can therefore compute Q as a function of T (or 7). These improved values 
for Q are then substituted in equations [10] and [11] whereby a better value Vog is 
obtained for the flame velocity. 

Actually, the difference between Vog* and Voy is small, Vog* being about 5% larger 
than Voy for the 100% ozone gas, while for 50% ozone or less the two quantities are 
virtually identical. 

In the earlier paper, Voq was defined as the flame velocity found for constant enthalpy 
in the flame zone because for mixtures of low ozone contents our formula [9] corresponds 
to approximately constant enthalpy. For mixtures rich in ozone, however, this is not so 
and Voy is simply the value obtained for a linear decrease of y3 in the entire flame zone. 
An improved value Vo can be computed from Vo, by dropping assumption [9], as shown 
in the earlier paper. 

Table I shows the values of Vy) as computed by the methods described here, for an 
initial temperature TJ) = 298° K. (The results for lower ozone contents have been 
incorporated for the sake of completeness.) The flame temperatures T, were computed 
by thermodynamical methods. The table also shows experimental results obtained by 
Streng and Grosse (4) and by Lewis and von Elbe (1). The results of Streng and Grosse 
satisfy the linear equation 

Vo = 563y30—88.8 cm./sec. 


TABLE I 
FLAME VELOCITIES IN OZONE-OXYGEN MIXTURES 








Initial temperature JT») = 298° K,. 


¥s0 0.25 0.40 0.50 0.60 0.70 0.80 0.90 1.00 
r;(E) 1250 1687 1934 2155 2333 2475 2587 2677 
Vo (cm./sec.) 41 139 214 290 349 386 411 430 
Vo® (cm./sec.) 50 136 190 249 307 362 418 474 


Vo‘° (cm./sec.) 554 141¢ 160/ 


Initial temperature To = 195° K. 


30 0.25 0.40 0.50 0.60 0.70 0.80 0.90 1.00 
Fe) 1172 1610 1867 2090 2279 2430 2552 2650 
Vo? (cm./sec.) 17.1 70 119 164 204 232 250 260 





“Calculated by the author for 6 = 0.94. 

’Calculated from the empirical relation found by Streng and Grosse. 
¢Measured by Lewis and von Elbe. 

qT) = 300° | @ ¥30 = 0.2466. 

"To = 301° ws, Jn = 0.4005. 

To = 302° K., y30 = 0.496. 


It should be mentioned here that the constants in formulae [1] and [2], in particular 
the energy appearing in the exponent in formula [1], should undergo some modification 
for the higher flame temperatures. No such adjustments were made in the calculations 
of Table I because complete experimental kinetic data are not available. The corrected 
values of V») would be a few per cent lower than those shown. 

Table I also shows flame velocities calculated by the same method. tor an inttial 
temperature JT) = 195° K. (temperature of dry ice). 
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OXIDATION OF THE ANALYTICAL REAGENT ‘“‘TIRON’”’ 
(DISODIUM -4,5-DIHYDROX YBENZENE-1,3-DISULPHONATE)' 


G. F. ATKINSON AND W. A. E. McBryDE 


ABSTRACT 


The analytical reagent ‘‘tiron’’ undergoes oxidation in alkaline solution by the oxygen 
of the atmosphere to a yellow-colored substance, which is assumed to be the corresponding 
quinone. In certain circumstances the reagent may be oxidized with production of a green 
substance believed to be a semiquinone. Interference in the colorimetric determination of 
iron by means of this reagent may occur in alkaline solution owing to the overlap of the 
iron III derivative and of the oxidation product. Alkaline solutions of tiron react with 
iron II salts even in the rigorous absence of oxygen to form the iron III tironate FeR;~*. Oxy- 
genated solutions of tiron in alkali fail to produce this compound with iron III salts, but do 
so with iron II salts. 


Disodium-4,5-dihydroxybenzene-1,3-disulphonate has been proposed by Yoe and co- 
workers as a colorimetric reagent for the determination of iron (27), titanium (26), and 
molybdenum (24), and by these workers has been assigned the trivial name ‘“‘tiron’’. It 
has more recently been proposed as a polarographic reagent in alkaline media for iron 
(3, 5), vanadium (14), and uranium (4). 

The stoichiometry of the reaction with iron III has been investigated by Harvey and 
Manning (8), by Schwarzenbach and Willi (16), and by Vareille (18) using his ingenious 
method of isobestic points (17). A magnetic study of the complexes has been reported 
by Jones and Yeatts (10), and the effect of very high pH on the complex has been dis- 
cussed by Kuznetsov (11). 

The present investigation owes its origin to our observation that in alkaline solutions 
the same colored species is formed from tiron and iron salts whether the latter are added 
as iron II or iron III. This observation contradicts the statement by Yoe and Jones (27) 
that iron II does not interfere in the colorimetric determination of iron III. Our observa- 
tions suggest that tiron in alkaline solution is suitable for the determination of total 
iron, and that conditions may be found for the determination of iron III only by the 
same reagent in more acidic solutions. The latter proposal will not be dealt with’in this 
report beyond noting that the solution constituents present in iron III — tiron solutions 
in acidic media vary greatly with ionic strength of the solution as well as with pH, as 
has already been reported (18, 27). 

We have endeavored to establish the cause of the yellowing of tiron solutions at high 
pH which has been reported by Kuznetsov (11) and by Yoe and co-workers (24, 26), 
and to determine its relationship to the phenomena mentioned above, as well as to other 
behavior of these solutions. 


EXPERIMENTAL 


Tiron was obtained from both the LaMotte Chemical Products Co. and Winthrop- 
Stearns of Canada, Ltd., and was used without further purification. Iron II sulphate was 
prepared by dissolving a known weight of pure (99.99%) iron wire in hot sulphuric acid 
in a nitrogen atmosphere. A stock solution was made by dilution with air-free water 
and stored under nitrogen. Iron III solutions were prepared either by dilution of a 
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gravimetrically standardized solution of iron III perchlorate, or by oxidation of a known 
weight of iron II ammonium sulphate in solution by bromine, followed by boiling with 
sulphuric acid to expel the bromine. Water was boiled vigorously for five minutes to expel 
dissolved gases, and either cooled and used fresh, or cooled with nitrogen bubbling 
through it and stored under a nitrogen atmosphere. Other reagents were used with no 
special treatment, and solutions were prepared in accordance with standard analytical 
procedures (21) and with appropriate degrees of precision. 

Spectrophotometric studies were made on Beckman Model DU and Model DK-1 
spectrophotometers with l-cm. silica cells, with sensitivity 50 and the small aperture 
on the DK-1, and with constant sensitivity on the DU. Potentials were measured with 
a Cenco student potentiometer and Beckman calomel and platinum electrodes. Measure- 
ments of pH were made with a Beckman Model G pH meter. 


The Yellowing of Tiron Solutions 

In a 0.08 M aqueous tiron: solution yellow color became visible in one or two days, 
but the color had grown very little more intense after several weeks. The same observa- 
tions were made on a 0.01 M solution having a pH slightly above 5. 

When tiron solution was placed in buffers of various pH values so as to give final 
solutions 0.008 M in tiron, those of pH 4 or less remained colorless for several weeks; 
in less acid buffers up to neutrality a color similar to that of aged stock solution appeared 
in a short time, and then remained with little change. 

In alkaline solutions, especially above pH 9, an intense yellow color formed very 
rapidly. An absorption spectrum of a yellow solution (0.008 M/) at pH 12.4 is shown in 
Fig. 1, together with the curve showing the decrease in transmission of light at 425 mu 
as the yellow color intensified in the solution. 


Alkaline Solutions in Rigorous Absence of Air 

Dry tiron and potassium hydroxide were placed in a test tube, and several grams of 
pyrogallol were spread in the bottom of a vacuum flask in which the test tube was then 
supported. The flask was repeatedly evacuated with an aspirator pump, and filled to 
10 cm. excess pressure with prepurified nitrogen (less than 20 p.p.m. oxygen), which 
entered through three Fieser towers and one pyrogallol tower. A quantity of air- 
free 2 \/ potassium hydroxide solution was then added to the pyrogallol through a 
funnel tube, and the evacuation and filling cycle repeated several times more. Finally, 
air-free water was forced by nitrogen pressure into the test tube. An almost colorless 
solution was obtained which remained so for weeks. 


The Color Formed with Iron II and III 

When the above experiment was repeated with iron I] ammonium sulphate also 
present in the test tube, a blood-red color appeared. 

When equivalent amounts of iron II and III salts were respectively added to two 
portions of alkaline tiron solution, an identical red color appeared in each sample. The 
absorption spectra were confirmed as being the same both in potassium hydroxide medium 


of pH 12, and in Yoe's alkaline buffer system of pH about 8.5 (27). The same red color was 
also formed when base was added to solutions of tiron with iron II and HII initially at 
low pH, and in this case the final red colors were the same although the original solutions 


were respectively colorless and blue. In another experiment, solutions of the same total 
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Fic. 1. Absorption spectrum of oxidation product. Curve A—absorbancy of 0.008 M solution. Curve T— 
growth of absorption peak at 425 mu. 


iron concentration variously apportioned between iron II and III salts were buffered to 
the same low pH, and the spectra of their various intensities of blue color obtained; they 
were then uniformly diluted with base and found to give superposable-spectra from their 


identical red colors. 


Dissolution of Iron III Hydroxide 
When tiron as solid or solution was added to an alkaline solution containing a pre- 
cipitate of iron II] hydroxide, the precipitate dissolved and a red color appeared. 


Treatment of Tiron Solutions with Oxygen 

Oxygen gas was bubbled through a 0.08 V/ solution of tiron in 2 VW potassium hydroxide 
for several hours. The yellow solution turned orange, and then red, although thin layers 
still appeared yellow. Spectra of this final solution diluted 1:2 and 1:5 with alkali showed 
no new absorption peaks compared to yellow alkaline solutions not treated with oxygen, 
but merely a broadening of the peaks. 

The solution treated with oxygen gave scarcely any color with iron III salts, but the 


familiar deep red color with iron I] salts. 
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Fic. 3. Reduction potential vs. pH for tiron solutions. 
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Anodic Electrolysis of Tiron Solutions 


A solution of 0.01 M tiron, brought to pH 10 by addition of alkali, was electrolyzed 
in a bridge-type cell at a 1 in. X 1 in. cylindrical platinum gauze electrode with very small 
current. The anolyte, which had been previously treated by bubbling with nitrogen, was 
stirred with a magnetic stirrer, and portions for spectrophotometric examination were 
taken at intervals. 

The solutions, initially somewhat yellow, changed to a clear green color, related to the 
appearance of an absorption peak at 650 my and accompanied by a general decrease in 
transmission throughout the visible range. The smallest transmission at the peak occurred 
at the point in the electrolysis corresponding to 1 faraday/mole. 

Further electrolysis produced a color change to a final golden yellow, and the peak at 
650 my vanished. 

On standing, solutions having undergone more than 1 faraday/mole of electrolytic 
oxidation tend to be unstable and to proceed to the final color. Thus, samples from the 
latter portion of an electrolytic experiment for which spectrophotometric measurements 
were delayed show higher transmission at 650 mu. See Fig. 2. 

In solutions of pH 13, neither color change nor spectral change was produced by 
electrolysis at the anode. 
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Fic. 4. Potentials produced by titration of iron into alkaline tiron solutions. 
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Effect of pH on Reduction Potential 

Three samples of 1.37 millimoles of tiron were taken. To these were added respectively 
no iron, 0.25 millimole of iron II, and 0.25 millimole of iron II] salts, and each was made 
up to 50 ml. with water. Potassium hydroxide solution was added to each from a burette, 
and reduction potential and pH were measured at intervals. These results are shown 
in Fig. 3. 

In another series of experiments, known weights of tiron dissolved in potassium 
hydroxide were individually titrated with iron II and iron III solutions, and the resulting 
potentials recorded. These are shown in Fig. 4. 


Miscellaneous Experiments 

The addition of 0.1 N potassium permanganate solution to alkaline tiron solution 
produced precipitation of manganese dioxide. After aspiration of the liquid phase 
through a filter stick into a clean vessel, it was seen to have a green color. Spectrophoto- 
metric study showed the rise and subsequent fall of an absorption peak at 650 my as the 
precipitation and aspiration were several times repeated. 

The addition of 30% hydrogen peroxide to the green solution produced by electrolysis 
resulted in a momentary red color followed by the golden-yellow color. The addition of 
this same reagent to the original yellow solution decolorized this, however, rather than 
producing the colors described above. 

When an alkaline tiron solution of pH 10 was titrated with 0.1 NV potassium hexacyano- 
ferrate III solution, the solution gradually became green, and displayed steady potentials 
at noble metal electrodes until one equivalent of oxidant had been consumed. Then the 
reduction potential drifted rapidly to more positive values and the solution became 
yellow. When the drift ceased, very little further oxidation was possible. 


DISCUSSION 


It is of interest to compare the reactions of tiron (1) with those of the similar and 
simpler substance pyrocatechol (e-dihydroxybenzene). 

Pyrocatechol is a powerful reducing agent, especially in alkaline media (23), reducing 
oxygen at pH 8.5 (20). It can be cautiously oxidized to give o-benzoquinone (23). It 
reacts with iron III to form 1:i, 2:1, and 3:1 complexes in acidic, neutral, and alkaline 
media, giving respectively green, violet, and red solutions (2). From a polarographic study 
of the pH — half-wave potential curve for the system o-benzoquinone-pyrocatechol, an 
estimate of E° for this svstem has been obtained (6). Vaubel has discussed the oxygen 
uptake of pyrocatechol solutions, and noted that this is approximately constant in 
strongly alkaline solutions (19). This author states that the final quinone that is produced 
is yellow, but that complicated intermediates of darker red color may form. Suggested 
explanations of these intermediates are offered by various authors (1, 7). The general 
behavior of quinone systems is discussed in several well-known sources (12, 15, 22). 

As might be expected, tiron exhibits many similarities to pyrocatechol. It forms 
1:1, 2:1, and 3:1 chelate complexes with iron III in particular regions of pH, and the 
colors of these are blue-green, violet, and red respectively (16). Its solution becomes 
increasingly reducing at high pH, and absorbs oxygen from the air to become vellow. 
Oxvgen gas bubbling through the alkaline solution produces a dark reddish color. 

We believe that the vellow color of alkaline or aged tiron solutions is produced by the 
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formation of a quinone (III) and that under appropriate conditions this may be formed 
via a green semiquinone intermediate (II). 
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When a tiron solution is made alkaline, oxidation being carefully prevented, we expect 
this reaction to take place immediately: 


H2Bz~? — Bz-!+2H?*. {1] 
If oxidation is then permitted to proceed, the following reaction will ensue: 
Bz-* —> Bz?*+2e-. [2] 
And if conditions favor a process via a semiquinone the latter reaction may alternatively 
be represented as: 
, Bz-! + Bz*+e-, [3a] 
Bz — Bz?+e-. [35] 
For the more usual yellowing on addition of base, we can write overall: 
H.Bz~? — Bz?+2H*+2e-, [4] 
for which the Nernst equation is: 


E=E°+4X0.059 log [(Bz~*) /(H:Bz~*)] —0.059 pH. 


Now inspection of the pH—potential curve of tiron from pH 8 to 11 (Fig. 3) shows its 
slope to be —60 mv/pH unit, but since it was not practicable to obtain an estimate of 
the concentration ratio involved, no value for E° could be obtained. It may at least be 
said that this ratio is constant in the region under discussion. The constancy of this ratio 
in this range is analogous to Vaubel’s finding (19) that the oxygen uptake of pyrocatechol 
is independent of hydroxyl ion concentration. Further, the lower limit of this range is 
interestingly similar to that reported by Vlcek et a/. for the oxidation of pyrocatechol by 
oxygen (20). 
The reduction half-reaction accompanying quinone formation is presumably: 
302(g) +2H*++2e- — H.O. [5] 
Combining [4] and [5] then gives: 
H2Bz?+430.(g) — Bz-?+H.,0. [6] 


In considering the green solutions produced by anodic oxidation during the electrolysis 
of tiron, it is necessary to invoke reactions [3a] and [36] rather than [4]. The green semi- 
quinone is formed by the passage of the first equivalent of charge, then converted to the 
yellow quinone by the passage of the second equivalent. The characteristic spectral 
feature of the semiquinone species is a prominent peak at 650 mu. The fact that the green 
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color does not appear at pH 13 accords with Remick’s statement (15) of the upper limit 
of pH for semiquinone formation. At this pH, even air accomplishes the two-electron step 
at once, whereas at less alkaline pH values the two one-electron steps can still be suc- 
cessively carried out. 

Since rigorous exclusion of air is necessary to permit the preparation of colorless 
alkaline solutions, the yellow species is confirmed as being an oxidation product. Thus 
it appears that tiron when in alkaline media is oxidizable by oxygen but not by water. 

Examination of the spectra obtained leads to the conclusion that oxidation with 
permanganate ion also proceeds via the semiquinone. The reaction of hydrogen peroxide 
with green solutions forms the quinone, with the momentary red color likely a peroxy- 
intermediate. 

The cyanoferrate III titration parallels the electrolytic experiments in that the addition 
of one equivalent forms semiquinone, but then this unstable semiquinone spontaneously 
proceeds by air oxidation to form quinone, and so causes a drifting potential. 

Consider now solutions with iron present. 

Since the same spectrum is displayed by solutions formed by addition of iron II or III 
to alkaline tiron solution, these presumably contain the same solution constituent. This 
conclusion is supported by the spectra of mixed solutions made alkaline-being identical 
regardless of the original iron II to iron III ratio. Also, since the red color with iron II 
appeared in the rigorous absence of air, oxygen need not be involved in its formation. 

The question to be decided, then, is whether the red-colored constituent in these 
solutions is formed by iron II or iron III. Although it might be supposed that in the 
strongly reducing medium of an alkaline tiron solution iron III would be reduced, it is 
more reasonable to interpret the red color in terms of the iron III complex. This must 
form, in the case of iron II salts where air is carefully excluded, by reduction of water, 
viz., 

Fe*?+3Bz"‘ — FeBzz °+e , [7] 

H:0+e- > }H:+OH-. [8] 

Reaction [7] will be driven forward by the exceptionally large formation constant of the 

3:1 complex (16). Concerning the red-colored complex, reference may be made to the 

work of Jones and Yeatts (10), who concluded from magnetic studies that the complex 

was one of iron III, and of Williams (25), who noted that its absorption peak occurs at 

a wave-length in common with a number of other iron III complexes. On this assumption 

we explain the fact that oxygenated tiron reacts with iron II but not with iron III by 
the following reactions: 


Fe*? > Fe*3+e-, (9) 
Bz-?+2e— — Bz [10] 

followed by: 
Fe*3+3Bz—! > FeBz;"°. {11] 


There is an unexplained inconsistency between our results and an observation made by 
Dolezal and Adam (3) in connection with polarographic measurements with tiron. These 
authors state that in 1 N sodium hydroxide solution iron II is completely oxidized in 
the presence of tiron in 80 seconds. Despite the most careful exclusion of oxygen we 
observed the instantaneous formation of the red iron III complex when alkaline tiron 
and iron IJ salts were mixed. 

A slightly alkaline solution of iron—tiron red complex shows a characteristic absorption 
peak at 480 my. Now subtracting this spectrum at every point from that of a similar 
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Fic. 5. Spectra of various iron concentrations in alkaline tiron solutions. 


sample at high pH gives a difference curve of the form characteristic of yellow oxidized 
tiron solutions. So it appears that although high pH does not greatly alter the visible 
color, and although the red chelate complex still forms in the solution, its useful analytical 
peak at 480 mu is badly masked by the absorption from oxidized reagent. Fig. 5 shows 
spectra of high pH samples containing various amounts of iron. 

The change of electrode potential resulting from addition of iron to alkaline tiron 
solution (Fig. 4) may be explained thus: addition of iron III presents no possibility of 
reaction with the already oxidized tiron, so the potential is not altered. Iron II is oxidized 
with reduction of the quinone form (preferentially to the reduction of water) to tironate 
ion, and then iron III and tironate react according to reactions [9], [10], and [11]. As this 
system is established, the potential falls, and then becomes steady. 

For the pH-potential curves (Fig. 3), this explanation is offered: with iron III present, 
the 2:1 complex exists before tiron oxidation begins. As oxidation proceeds slowly in 
slightly alkaline solution, the complex easily obtains a third unoxidized ligand. When 
formation of 3:1 complex is complete, the solution will behave like one containing only 
the excess amount of tiron. Note for example the parallel linear regions. With iron II 
present, no complex forms until the alkalinity of the system permits reaction [7] accom- 
panied by [8], or [6] followed by [10]. The sharp drop in reduction potential at near 
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neutral pH, corresponding to the drop shown in Fig. 4, indicates the onset of this process. 

The implications of this investigation may be briefly mentioned. It will be apparent 
that iron II does interfere in the absorptiometric determination of iron III in alkaline 
tiron solutions, and that this interference cannot be prevented even by the most rigorous 
exclusion of oxygen. Moreover, there may also be interference due to the formation of 
an oxidation product of the excess reagent. The formation of this occurs gradually in 
alkaline solutions, and the more quickly the higher the pH. The presence of this oxidation 
product will not necessarily be apparent from visual examination of solutions containing 
the red-colored iron complex, but will add to the light absorption at 480 mu. Since the 
procedure for the colorimetric determination of iron by this reagent at pH 8.5 is the more 
sensitive of the two described by Yoe and Jones (27), it is apt to be the more frequently 
used, and therefore these interferences should be clearly understood. 

If our conclusions regarding the oxidation of tiron in alkaline solutions are correct, 
some questions are raised concerning the polarographic determination of iron in molar 
sodium hydroxide proposed by Dolezal and Adam (3). These authors noted that under 
these conditions a rapid oxidation of iron II occurred (though not instantaneous, as we 
have mentioned). It seems possible, in view of our observations, that the process taking 
place at the polarographic cathode is not the reduction of “‘ferric tironate’’ to ‘‘ferrous 
tironate”’, but rather a process involving the quinone—hydroquinone reactions of tiron. 
Prior to our knowledge of the work of these authors we made a number of polarographic 
measurements in alkaline tiron solutions, recording waves at about —0.75 and —1.15 v. 
(vs. S.C.E.), the heights of which gradually increased as the solutions stood longer 
in air. 

Kuznetsov (11) has reported the appearance of a yellow color in iron III —tiron 
solutions, which he attributes to a change in the intramolecular bonding of the ligand 
ring. From the evidence in this investigation it may be concluded that this yellow color 
is due only to oxidized reagent. Similarly, other systems of complexes formed by reagents 
that undergo oxidation in alkaline solution may exhibit colors that belong to the oxidized 
ligand rather than to metal—ligand compounds. For instance, Howsmon (9) reported 
yellow coloring in the system iron III — benzenehydroxamic acid for pH’s higher than 
those at which a red complex formed. Since the work of Page (13), Williams (25), 
and others suggests that red, violet, and blue should be the characteristic colors of iron III 
‘complexes, the appearance of yellow color may indicate that oxidation has occurred in 
this case also. 
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LIGHT ABSORPTION STUDIES 


PART VII. CONCERNING THE RELATION BETWEEN THE INFRARED CARBONYL 
STRETCHING BANDS AND ULTRAVIOLET SPECTRA (B-BANDS) 
IN RING SUBSTITUTED ACETOPHENONES! 


W. F. ForBES AND W. A. MUELLER 


ABSTRACT 


The B-bands of a number of ring substituted acetophenones were determined. The observed 
changes are discussed in relation to the nature and position of the substituent group and are 
compared with the corresponding changes observed in the infrared carbonyl] stretching bands. 


INTRODUCTION 

Infrared absorption spectra, if considered in conjunction with ultraviolet absorption 
spectra, are of special interest since information may thus be obtained concerning the 
postulated electronic excited state in transitions resulting in the ultraviolet absorption 
spectra. This follows, because infrared spectra are conditioned by ground states alone, 
whereas ultraviolet absorption spectra involve transitions between ground and excited 
states. 

With this in mind, a recent investigation (21) of the positions, integrated absorption 
intensities, and widths of the carbonyl stretching bands in carbon tetrachloride solution 
has indicated that it is possible to rationalize the observed behavior of most of these 
spectra in an ad hoc fashion, by considering the effect of the following factors on the dis- 
tribution of electrons in and around the C=O linkage: 

(a) Mesomeric effects; 

(6) Inductive effects and electrical field effects; 

(c) Steric effects; 

(d) Hydrogen bonding and other environmental factors. 

The inherent difficulties and limitations of this treatment were then stated, and 
although these are clearly of the greatest importance, they will not be discussed 
again at this stage. 

The present paper is intended to develop the basic discussion initiated in the previous 
investigation, using not only carbonyl stretching frequencies, but also the data obtained 
for B-bands in ultraviolet absorption spectra. In the following discussion, the above- 
mentioned factors will be treated separately, together with the information deducible 
from each of the electronic interactions. 


MESOMERIC EFFECTS IN INFRARED AND ULTRAVIOLET ABSORPTION SPECTRA 
In the B-bands of ultraviolet spectra definite shifts to longer wavelength are consis- 
tently obtained on introducing a substituent in the benzene molecule, or on introducing 
a parasubstituent in a monosubstituted benzene derivative. These shifts are generally 
in the order of the mesomeric effects of the substituents (cf. Table I). Further, mesomeric 
interactions have been postulated to affect the B-bands mainly by altering the energy 
level of the electronic excited state (9, 16). 


‘Manuscript received December 5, 1956. _ 
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This led to the observation that the mesomeric (or resonance) effects of the halogens 
may well be in the order —I > —Br > —Cl > —F (16). The apparent lack of consistent 
variation in a number of other data (for example, dipole moment data) describing the 
different para halogen-substituted compounds was ascribed to these data being conditioned 
by ground states alone. Consequently the insensitivity of the carbonyl band* (ymax) to 
para halogen substituents provides an additional example of this kind and suggests that 
in the ground state there is some compensatory action to the operation of the mesomeric 
effect, and/or that the latter effect is of less importance in the ground state than in the 
electronic excited state. These hypotheses are illustrated in Table I, which shows that 
the carbonyl bands for para halogen-substituted acetophenones are similar to each other 
and to the parent compound. 


TABLE I 
ABSORPTION SPECTRA OF PARASUBSTITUTED ACETOPHENONES 




















Carbonyl band! Ultraviolet absorption (B-band) 
(carbon tetrachloride solution) (ethanol solution) 
Acetophenone Mean integrated 
Ymax (cm.~*) absorption intensity on Gin 
(mole. liter. cm.~? X 10~) (my) 

- Acetophenone 1691 2.20 240 12,500 
p-Aminoacetophenone 1677 2.38 ‘ 316 20,000 
p-Methylacetophenone 1687 2.44 252 15,000 
p-Fluoroacetophenone 1692 2.17 242 11,500 
p-Chloroacetophenone 1692 2.25 249 16,000 
p-Bromoacetophenone 1693 2.24 253 16,000 
p-lodoacetophenone 1693 2.39 262 16,000 
p-Nitroacetophenone 1700 1.93 261 14,000 

‘Ref. 21. 


On the other hand, the same halogen derivatives show significant intensity differences 
in the carbonyl band, with the intensity decreasing in the sequence 


—I > —Br ~ —Cl > —H > —F. 


Since integrated absorption intensities are apparently related to resonance energies (1), 
this again suggests that the mesomeric effect is strongest for iodine and weakest for 
fluorine. 

More generally, a decreased carbonyl stretching frequency, for example in the p-amino 
and p-methyl derivatives, is often paralleled by a similar increase in the intensity of the 
carbonyl band, and qualitatively the B-band in the ultraviolet region also shows a com- 
parable shift, i.e. a bathochromic shift accompanied by increased absorption intensity. 
Further, as the carbonyl stretching frequency is raised, as in the extreme example of 
p-nitroacetophenone, this is accompanied by a reduced intensity in the carbonyl band. 
However, the ultraviolet absorption of p-nitroacetophenone is shifted to longer wave- 
length and is intensified (see Table I), presumably because resonance contributions 
lower the electronic excited state, whereas the energy of the ground state is raised. 

The different effect in the two bands, which is not confined to this one example, 
illustrates the lack of even semiquantitative correlation between the carbonyl stretching 


*The band due to the infrared carbonyl stretching frequency will be referred to as the ‘‘carbonyl band” throughout 
this paper. 
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frequencies, the intensities of the carbonyl band, the B-band in the ultraviolet, and its 
absorption intensity (see the four columns in Tables I and II). An explanation consistent 
with the observations may be provided by the following considerations: 

(i) Carbonyl stretching frequencies are determined by a number of factors (see Intro- 
duction), which probably interact with one another in a complex manner (cf. 21). 

(ii) The intensities of the carbonyl bands suggest a more promising approach since 
these are apparently predominantly determined by the resonance energy of conjugation 
in the ground state, and this hypothesis may be extended to explain the anomalously 
low intensities of m-fluoro-, o-methyl-, and m-chloro-acetophenones (21). Also Table II 
shows that integrated absorption intensities of para and ortho compounds are greater 
than for the corresponding meta isomers except for nitroacetophenones, where the 
reverse effect is observed. This is consistent with Barrow’s contention that the carbonyl 
band intensity is related to the resonance energy of conjugation. 


TABLE II 
ABSORPTION SPECTRA OF ACETOPHENONES AND RELATED COMPOUNDS 








Carbonyl band? Ultraviolet absorption (B-band) 
(carbon tetrachloride solution) (ethanol solution) 
Mean integrated 
Carbonyl compound — ymax (cm.~!) absorption intensity Amex 

















€max 
(mole. liter. cm.~?X 10) (my) 

Benzaldehyde 1709 2.56 242 14,0002 
o-Methylbenzaldehyde 1702 2.29 251 13,000? 
p-Methylbenzaldehyde 1708 2.68 251 15,000? 
Acetophenone 1691 2.20 240 12,500 
o-Methylacetophenone 1690 1.43 242 8500 
p-Methylacetophenone 1687 2.44 252 15,000 
2,3,5,6-Tetramethylaceto- 

phenone 1704 2.24 212 11,5008 
o-F luoroacetophenone 1692 1.97 236 10,000 
m-F luoroacetophenone 1696 1.66 236 10,500 
p-Fluoroacetophenone 1692 2.17 242 11,500 
o-Chloroacetophenone 1702, 1694 2.20 238 5500 
m-Chloroacetophenone 1696 1.90 240 10,000 
p-Chloroacetophenone 1692 2.25 249 16,000 
o-Bromoacetophenone 1706, 1702 2.93 236 4900 
p-Bromoacetophenone 1693 2.24 253 16,000 
p-lodoacetophenone 1693 2.39 262 16,000 
o- Nitroacetophenone 1712, 1702 1.40 257 6000 
m-Nitroacetophenone 1701 2.02 ca. 260 65008 
p-Nitroacetophenone 1700 1.93 261 14,000 
o-Aminoacetophenone 1653 2.48 254 5600 
m-Aminoacetophenone 1689 2.15 ca. 255 7 
p-Aminoacetophenone 1677 2.38 316 20,000 

\Ref. 21. 


*Ref. 6; values in n-hexane or cyclohexane. 
3Values in italics represent inflections in this and subsequent tables. 


(iii) The maxima of the B-bands in ultraviolet spectra may be correlated, as a first 
approximation, by considering only mesomeric interaction in the electronic excited state 
and steric effects. Apparently inductive and electrical field effects do not appreciably 
alter the wavelength of maximal absorption. (For example, an o-fluoro substituent 
generally does not appreciably affect the B-band maximal wavelength.) Hydrogen 
bonding and solvent-solute interactions also are normally only of little importance in 
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determining the maximal wavelength, and will frequently alter only the intensity values 
(17). 

(iv) This sensitivity of intensity values in the B-band of ultraviolet spectra, as well 
as their sensitivity to small steric effects (12, 13, 14), indicates that intensity values (e) 
also will not be directly proportional to the other values discussed. 


It may be concluded that a direct relation between the four parameters would not be 
expected, nor is in fact observed. Nevertheless, in extreme examples, for instance in the 
presence of powerful mesomeric interactions, some correlation between the four para- 
meters may well be obtained. 


INDUCTIVE AND FIELD EFFECTS IN INFRARED AND ULTRAVIOLET ABSORPTION 
SPECTRA 

It was implied in the previous section that inductive effects determined by nuclear 
charges acting along bonds, and electrical field effects associated with charges acting 
across space, are both of less importance in determining B-bands in ultraviolet spectra 
than in determining carbonyl bands. If this is correct it should follow that certain 
changes, mostly in the immediate environment of the carbonyl group, which hardly affect 
the ultraviolet spectrum, may occasionally alter appreciably the carbonyl band. This type 
of change is in fact apparent for a number of examples. Thus, comparing the ultraviolet 
and infrared spectra for series of compounds CsH;.CO.X and C.H;.CO.CH=CH.X, 
Fuson, Josien, and Shelton (18, cf. also 3) found that in a number of examples, the 
carbonyl bands were shifted by different amounts, whereas the ultraviolet spectrum 
remained almost identical. 

This hypothesis is also consistent with the following observations: 

(i) A nitro group in either the meta or para position brings about a significant change 
in the carbonyl band (see Table I1). This change is ascribed to the nitro group deacti- 
vating the benzene ring so that the carbonyl stretching frequency is increased to 1700 
cm.~—!, near to that of an aliphatic ketone. Since the deactivation is almost identical in 
both para and meta isomers as indicated by the similar location of the carbonyl bands 
and incidentally also by similar melting points (see experimental section), the deactivation 
is probably—at least partly—inductive in character. Certainly the effect of the interaction 
on the B-band in the ultraviolet is quite different, as would be anticipated if the B-band 
were less dependent on inductive type interactions. This interpretation also explains 
why the absorption intensity of the carbonyl band of p-nitroacetophenone is low (namely 
because of deactivation decreasing the percentage of dipolar forms in the ground state), 
whereas the absorption intensity in the B-band of the ultraviolet (which depends 
primarily on the energy requirements in the electronic excited state) is high. 

(ii) The decreased absorption intensity in the carbonyl band of m-fluoro- and m-chloro- 
acetophenone may be explained in terms of what is essentially a field effect (17), and 
this explanation may also account for the low intensity of the carbonyl band in o-methyl- 
acetophenone. Consequently the hypothesis of decreased importance of inductive and 
field effects in the ultraviolet spectrum indicates why some of the above-mentioned 
effects are not as readily detected in the B-band. 


STERIC EFFECTS IN INFRARED AND ULTRAVIOLET ABSORPTION SPECTRA 


Resonance interactions are known to operate more effectively if the substituents at 
the double bonds lie in the same plane. Hence it would be ex pected that steric interactions, 
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especially those associated with van der Waals repulsions between vicinal non-bonded 
atoms, also influence both spectra. Further, since mesomeric interactions are of greater 
importance in the B-band of ultraviolet spectra, steric effects would be expected to 
contribute to a greater extent in these spectra. 

This is actually observed and it has also been noted that steric effects in the B-band 
of ultraviolet absorption spectra can conveniently be classified into three types (6, 12, 
13, 14). Using this classification it was shown that a small steric effect frequently causes 
only a change in absorption intensity (e€). This was ascribed to the energetically most 
favorable interplanar angle of the ground state being altered, without affecting the 
energy levels of either ground or excited state (or at least those sections thereof which 
are involved in the transitions) (6, 14). An identical effect (i.e. loss of absorption intensity) 
would clearly be produced if only the most favorable interplanar angle of the excited 
state alters, with the energy levels again remaining approximately the same. The two 
possibilities are illustrated in Fig. 1, and infrared spectra should, in theory at least, help 
to distinguish between them. . 

A similar uncertainty, namely whether the energy changes caused by steric effects 
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Fic. 1. Schematic representation of electronic transitions between ground and excited states; with (Top) 
steric hindrance affecting chiefly the ground state and (Bottom) steric hindrance affecting chiefly the 


excited state. 
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occur mainly in the ground or excited state, applies to larger steric effects. In the B-band 
of ultraviolet absorption spectra these steric interactions cause wavelength changes 
accompanied by changes in the absorption intensity. This type of steric effect also occurs 
most frequently (13), and usually the energy level of the excited state is raised more than 
the energy level of the ground state, thus causing a hypsochromic shift. However, if the 
energy level of the ground state is raised more than that of the excited state, or if the 
energy level of the electronic excited state is lowered relative to the ground state, then a 
bathochromic shift will be observed. 

Infrared spectra should again help to distinguish between these possiblities and should 
similarly help to confirm the interpretation of large-type steric effects in which conjugation 
is apparently completely inhibited and the molecule absorbs as two distinct entities. 
This may be steric inhibition of sz conjugation, for example, in 2,3,5,6-tetramethyl- 
acetophenone; or steric inhibition of z-o or 2p conjugation, as for example in certain 
orthosubstituted compounds, where the orthosubstituent has no appreciable effect on the 
B-band of the ultraviolet spectrum (cf. 13, 17). 

Proceeding now to actual examples, the effect of slight steric interactions on both 
carbonyl bands and B-bands has recently been investigated. Braude and Timmons (7) 
showed that for a number of alicyclic ethylenic ketones, the carbonyl stretching frequency 
increased roughly in proportion to the loss of absorption intensity (i.e. the steric hindrance) 
as shown from ultraviolet spectra (see Table III). 

This relation may be explained by assuming that steric: interactions alter the energeti- 
cally most favorable interplanar angle in the ground state (cf. 14) and consequently 
only some vibrational states in the hindered molecules (those in planar or near-planar 
conformations) contribute to the observed ultraviolet absorption intensity, whereas al 


TABLE III 


ABSORPTION SPECTRA ACCORDING TO BRAUDE AND TIMMONS (7) OF COMPOUNDS 
EXHIBITING SMALL-TYPE STERIC EFFECTS IN THE ULTRAVIOLET 





Ultraviolet absorption (B-band) 











Carbonyl] band (ethanol solution) 
Carbonyl compound —- 
Vmax(cm.~) Pa €max 
my) 
— A /oOMe 1665! 232 - 12,500 
( fj 
WH 
| ll 
/\Me 
~ /EOCMes 16842 239 1300 
[ | 
ite 
Me Me 
¢ \—COMe 1693? 243 1400 
\/\Me 





‘Liquid film. 

2In carbon tetrachloride solution; unfortunately the carbonyl stretching frequencies are not determined under 
identical conditions, and this clearly introduces some uncertainty. However, the argument as developed in the 
text ts hardly affected by this. 








494 CANADIAN JOURNAL OF CHEMISTRY. VOL. 35, 1957 


the vibrational states contribute to the observed carbonyl band. Therefore, although the 
mean transition energy for allowed transitions leading to the ultraviolet absorption 
remains approximately constant, the transition probability decreases with increased 
steric interaction. Further, the different vibrational ground states (which include those 
sufficiently hindered so as not to lead to transitions to electronic excited states) will 
cause the observed carbonyl stretching frequency to vary as the percentage of coplanar 
conformations decreases. It should be noted that the data could not be explained in 
terms of steric hindrance, which would predominantly affect the interplanar angle of the 
excited state. The latter hypothesis could account for the ultraviolet absorption, but 
should lead to a similar carbonyl stretching frequency for the four compounds listed in 
Table III (see also Fig. 1). 

In compounds which give rise to larger steric effects (wavelength shifts) in the ultra- 
violet (see Table II and also Table IV, example i), a corresponding carbonyl band shift 
(i.e. to higher frequency) is also frequently observed. Further, if in the ultraviolet an 
almost complete inhibition of conjugation occurs, the observed carbonyl stretching 
frequency tends towards that of a saturated carbonyl group (see Table IV, example iii). 

The following additional observations concerning steric interactions in the two bands 
may also be noted: 

(i) The frequent similarity in the effects produced in both spectra is not unexpected 
because effective interference radii are often sufficiently large (cf. 15) to cause an appreci- 
able interplanar angle between the two parts of a molecule in conjugation. This angle 
reduces conjugation in the ground state and, since the interplanar angle does not alter 


TABLE IV 


ABSORPTION SPECTRA OF PAIRS OF COMPOUNDS EXHIBITING DIFFERENT 
LARGER-TYPE STERIC EFFECTS (WAVELENGTH SHIFTS) IN THE ULTRAVIOLET 

















Carbonyl band Ultraviolet absorption (B-band) 
(carbon disulphide solution) (ethanol solution) 
Carbonyl compound Vmax (cm.~') Amax €max 
(my) 
(i) O Approx. 1715! 218 9500? 
( 
O 1674-1677! 224.5 10,3002 
(> 
i 
i) “S—cocH: 1666-1670! 239 13,0002 
i COCH; 1665° 232 13,0002 
(iii) 2,3,5,6-Tetramethyl- 
acetophenone 1704 212 11,500 
Acetophenone 16914 240 12,500 
1Estimated, cf. Ref. 22. 
*Ref. 30. 


sLiquid film (see Table IIT). 
4Carbon tetrachloride solution (see Table II). 
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during electronic excitation from the ground to excited state (Franck-Condon principle), 
it also reduces conjugation in the electronic excited state. Further, in the excited state 
the attaining of a similar interplanar angle usually requires more energy, and consequently 
the steric effect is normally enhanced in the ultraviolet region. 

(ii) The few examples mentioned do not rule out the possibility that examples may 
exist where steric interactions affect mainly the most favorable interplanar angle in the 
electronic excited state (see Fig. 1); however, this is unlikely. 

(111) Examples occur in a number of a:6-unsaturated ketones where the change from 
a five- to a six-membered ring compound is accompanied by either a hypsochromic or 
a bathochromic shift (30). The question then arises, if on passing from a five- to a six- 
membered ring compound, the carbonyl frequency change may be in the reverse order 
from the changes occurring in the B-band of the ultraviolet spectrum. This question 
cannot as yet be decided, since few examples are available. One possible example is 
suggested in Table IV, example ii, but since the readings were determined under different 
conditions, no generalization is justified at this stage. (The possible changes are also 
illustrated in Fig. 2.) 
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Fic. 2. Schematic representation of hypothetical electronic transitions in ring compounds. 


Further possible examples are provided by the spectra of more rigid systems (cf. 2, 
30, 33), where it might be anticipated that occasionally the infrared band is moved 
towards shorter wavelength (higher frequency) whereas in the ultraviolet a shift to 
longer wavelength is observed (see Fig. 2). 

(iv) Certain steric interactions in the ultraviolet give rise only to intensity changes. 
These effects are useful in determining permitted planar conformations in solution (14), 
and cannot so readily be detected in the carbonyl bands. Also, loss of conjugation appears 
to be more readily discernible in the ultraviolet, because in the ground state there is usually 
some residual conjugation even if the interplanar angle is large. For example, the carbonyl 
band of 2,3,5,6-tetramethylacetophenone (1704 cm.—' in carbon tetrachloride solution), 
although indicating considerable hindrance, has still not attained the frequency of a 
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saturated ketone (171743 cm.—! in carbon tetrachloride solution (18)). This follows, 
since transitions to excited states in the ultraviolet are no longer possible once the inter- 
planar angle in the ground state exceeds a certain critical value and hence the B-band 
will show apparently complete loss of conjugation (see Fig. 1). 

From this, one may conclude that steric effects may frequently be more easily identified 
in ultraviolet spectra. More generally, although carbonyl bands have the inherent 
advantage that consideration of the ground state only is necessary, steric effects are less 
easily detected in the carbonyl band because more interactions contribute to what 
determines the absorption of the ortho isomer. Thus the frequency of the carbonyl band 
in ortho isomers has been shown to give rise to a variety of effects (21) and the simpler 
pattern of the B-band is no longer evident. Intensity changes in the carbonyl band are 
also affected by steric interactions, but again other interactions are clearly evident 
(see below). 


THE EFFECT OF HYDROGEN BONDING AND OTHER ENVIRONMENTAL FACTORS IN 
INFRARED AND ULTRAVIOLET ABSORPTION SPECTRA 


Under this heading we may briefly discuss the effect of inter- and intra-moleculaT 
hydrogen bonding as well as the effect of solvent-solute interactions on the four para- 
meters under discussion (i.e. the positions of the two absorption bands and their respective 
intensities). 

It will be shown in a separate communication that intermolecular- hydrogen bonding 
frequently affects the intensity but not the location of the maximal wavelength in the 
B-band (17). In the absorption intensity of the B-band this effect is very pronounced 
and there is some evidence that a similar interaction also occurs in infrared spectra, that 
is, a decreased force constant causing a lower frequency in the carbonyl band corres- 
ponding to the higher intensity in the B-band (cf. 18, 19, 27). The effect of intermolecular 
hydrogen bonding on the intensity of the carbonyl band does not appear to have been 
investigated. However, since this type of interaction sometimes almost doubles the 
absorption intensity of the B-band (17), it is possible that intermolecular hydrogen 
bonding or association accounts for some of the “anomalous” intensity values of the 
carbonyl band (for example, the relatively high value of p-methylacetophenone). 

This suggestion also seems probable because intramolecular hydrogen bonding appears 
to be normally more pronounced for the carbonyl band than for the B-band. This can 
be illustrated from the data in Table II, where for two examples, o-methylbenzaldehyde 
and 0-aminoacetophenone—presumably because of intramolecular hydrogen bonding— 
the frequency of the carbonyl band is considerably lowered compared to the para isomer 
(cf. also 29). In contrast, for the B-band the frequency of the ortho isomer is consistently 
raised (i.e. the wavelength is lowered) and the absorption intensity is decreased compared 
to the corresponding para isomer. 

Lastly, general solvent—solute interaction may affect all the parameters, but again 
there is some evidence that the changes produced are normally more pronounced for the 
carbonyl band than for the B-band. For example, the carbonyl band of acetophenone 
occurs in chloroform solution at 1685 cm.~! with an integrated absorption intensity of 
2.7 units, whereas the corresponding value for carbon tetrachloride solution is 1692 cm.—! 
with an integrated absorption intensity of 2.1 units (1, cf. also 18). Although the actual 
comparable values for the ultraviolet are not available, it seems improbable that a similar 
degree of change would occur for the B-band on changing the solvent in a similar manner. 
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CONCLUDING REMARKS 


One of the aims of correlating frequency (wavelength) shifts and intensity changes 
in absorption spectra is to establish how different electronic interactions affect any 
particular absorption band. As a result of this and previous studies we may conclude 
that the wavelength changes in the B-band of ultraviolet absorption spectra are normally 
caused mainly by steric and mesomeric interactions, since inductive and hydrogen 
bonding effects are in general relatively less important. Consequently for paradi- 
substituted benzene derivatives, where in addition steric effects will be small, mesomeric 
interactions will usually be mainly responsible for the observed changes. Therefore the 
position of the B-band in ultraviolet spectra appears to be a good measure of mesomeric 
effects, that is of effects associated with electron mobility acting along systems of con- 
jugated bonds. 

A number of corollaries follow from this. Firstly, the mesomeric effect of the halogen 
atoms is probably, as previously suggested, in the order —I > —Br > —Cl > —F, and 
this is also supported independently from the intensity values of the carbonyl band. 
Secondly, the values of the mesomeric effects thus obtained from ultraviolet spectra 
should relate at least semiquantitatively for different series of compounds (e.g. aceto- 
phenones, nitrobenzenes, and other compounds). Thirdly, since the change in p-methyl- 
acetophenone is greater than the change in p-fluoroacetophenone (both compared to 
acetophenone) it suggests that the wavelength change due to the methyl group in the 
B-band of the ultraviolet spectrum is caused predominantly by a hyperconjugative 
effect. 

The relatively lesser importance of mesomeric interactions on the frequency of carbony] 
bands is readily illustrated since parasubstituents methyl, fluorine, chlorine, bromine, 
and iodine do not appreciably affect the carbonyl stretching frequency in acetophenone. 
There is some evidence that mesomeric interactions affect the intensities of the carbonyl 
bands, but the changes obtained are not proportional to those in the ultraviolet spectra, 
because the former are caused entirely in the ground state, whereas the latter are deter- 
mined predominantly in the electronic excited state. 

It may also be noted that the intensities of the carbonyl bands, the wavelength of 
maximal absorption in the B-band, and to a lesser extent the carbonyl stretching 
frequencies all support the concept of spectra in terms of resonance theory. Molecular 
orbital theory provides a slightly different picture, but the over-all results are qualitatively 
similar as has previously been noted by Nagakura (26). 

Steric effects occur in both types of spectra, but the interactions are usually more 
evident in the B-band of ultraviolet spectra. This follows because although the ground 
state determines the interplanar angle, the repulsion energy set up between vicinal 
atoms is normally greater in the electronic excited state. There is also some evidence that 
for orthosubstituted acetophenones, in the carbonyl band, the inductive effect, field 
effects, and hydrogen bonding play a more important part. 

The steric effects, as shown in the spectral properties, are also evident in some of the 
reactions employed in the preparation of compounds. For example, yields of ortho 
derivatives in halogen-substituted acetophenones are smaller (see Table V). Further, 
the refractive indices for fluoro- and chloro-acetophenones also indicate an order para > 
meta > ortho, and it seems probable that this order is conditioned by steric effects, at 
least to some extent. 
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EXPERIMENTAL 
The ultraviolet absorption spectra were determined in quartz cells of 1 cm. path-length 
using a Unicam SP 500 spectrophotometer. For each compound at least two independent 
sets of observations were made. Some of the spectra have already been described in 


previous parts of this series. 
The physical constants, after purification, of compounds not previously reported in 


this series are listed in Table V. 
TABLE V 
PHYSICAL CONSTANTS OF CARBONYL COMPOUNDS 








Reported value of 


Melting point, or boiling } 
i physical constants 


Carbonyl compound point and refractive index Yield 








o-Methylbenzaldehyde B.p. 55°, 3 mm., 40% B.p. 94°, 10 mm., 

a? 1.5480 ni 1.549 (20) 
pb-Methylbenzaldehyde B.p. 70°, 4 mm., 40% B.p. 106°, 10 mm., 

nz? 1.5460 — 1.547 (20) 
o- Methylacetophenone B.p. 70°, 4 mm., B.p. 79°, 5 mm., 

n20 1.5310 50% -_—" 1.535 (20) 
p-Methylacetophenone B.p. 60°, 3 mm., — B.p. 93.5°, 7 mm., 

ne 1.5328 — 1.5335 (20) 
o-Fluoroacetophenone B.p. 63°, 9 mm., 35% B.p. 80-85°, 16 mm. 

— 1.5068 (5) 
m-Fluoroacetophenone B.p. 57°, 3 mm., 65% B.p. 81°, 9 mm. 

nie 1.5083 (11) 
p-Fluoroacetophenone B.p. 62°, 4 mm., 47% B.p. 79°, 10 mm., 

n= 1.5096 n*s 1.5081 (28) 
o-Chloroacetophenone B.p. 75°, 4 mm., 30% B.p. 85-87.5°, 5 mm. 

n*s 1.5147 (32) 
m-Chloroacetophenone B.p. 88°, 4 mm., 80% B.p. 80°, 2.5 mm., 

n*s 1.5494 n2s 1.5494 (23) 
p-Chloroacetophenone B.p. 83°, 4 mm., me B.p. 103-105°, 11 mm., 

nv 1.5558 n*0 1.5582 (25) 
o-Bromoacetophenone B.p. 80-84°, 2 mm., 25% B.p. 131—135°, 20 mm., 

. ae 1.5683 n*0 1.5667-1.5668 (24) 
p-Bromoacetophenone M.p. 51° 55% M.p. 51° (20) 
p-lodoacetophenone M.p. 84° 0% M.p. 85° (20) 
o- Nitroacetophenone B.p. 119°, 4 mm., — B.p. 112.5-113.5°, 2 mm., 

n?} 1.5560 <_ 1.5530 (10) 
m-Nitroacetophenone M.p. 78° — M.p. 76-78° (4) 
p-Nitroacetophenone M.p. 79° — M.p. 78.5-80° (10) 
o-Aminoacetophenone B.p. 97°, 4 mm., 63% B.p. 124°, 10 mm. 


m-Aminoacetophenone 
p-Aminoacetophenone 


23 ; 
ny 1.6096 


M.p. 95-96° 
M.p. 104-105° 


(20) 


M.p. 98-99° (20) 
M.p. 106° (20) 
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o-Methylbenzaldehyde was prepared from o-tolyllithium and dimethylformamide by 
the method of Sicé (31). p-Methylbenzaldehyde was prepared by the standard Gatter- 
mann-Koch reaction. Both benzaldehydes were purified by vacuum distillation. 

o-Methylacetophenone was prepared by the method previously described (12). 

The fluoroacetophenones, o-chloroacetophenone, and o-bromoacetophenone were pre- 
pared from the corresponding acid chlorides by treatment with an excess of dimethyl- 
cadmium (cf. 8). Purification was effected by distillation im vacuo. 

m-Chloroacetophenone was obtained by diazotization of m-aminoacetophenone, 
followed by the standard Sandmeyer procedure. The compound was purified by vacuum 
distillation. 

p-Bromo- and p-iodo-acetophenones were obtained by Friedel-Crafts acetylation of 
the halogen-substituted benzenes using acetyl chloride and aluminum chloride. Purifica- 
tion was effected by crystallization and vacuum sublimation. 

o-Aminoacetophenone was obtained by reduction of o-nitroacetophenone with tin and 
hydrochloric acid, and purified by vacuum distillation. 

The remaining acetophenones were purified from the commercially available compounds. 
m-Nitro- and p-nitro-acetophenones were vacuum sublimed, and p-chloroacetophenone 
was purified via the semicarbazone. 
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ORGANIC DEUTERIUM COMPOUNDS 


XVIII. ADDITION PRODUCTS OF HYDROGEN AND DEUTERIUM BROMIDES 
TO 1,1-DICHLOROETHYLENE! 


J. E. Francis AnD L. C. LEITCH 


ABSTRACT 


The addition of hydrogen bromide to 1,1-dichloroethylene under ultraviolet illumination 
gave two products identified as 1-bromo-2,2-dichloroethane and 1-bromo-2,2,4,4-tetra- 
chlorobutane. With deuterium bromide, the corresponding deuterated halides were formed. 
1-Chloroethene-1-d was prepared from 1-bromo-2,2-dichloroethane-2-d. 


In connection with the synthesis of deuterium-labelled vinyl chloride it became 
necessary to investigate the addition of hydrogen bromide to 1,1-dichloroethylene. 
Under ultraviolet irradiation, reaction took place readily to give two compounds. The 
chief product was 1-bromo-2,2-dichloroethane, which was identified by its conversion 
into vinyl chloride on treatment with zinc dust in ethanol. A second compound, which 
sometimes comprised up to 30% of the yield, was isolated from the residue by distillation 
under reduced pressure. The high boiling point, density, and index of refraction of the 
by-product indicated it might be a polyhalobutane. Its proton magnetic resonance 
spectrum revealed the presence of two non-adjacent methylene groups. Structure I is 
consistent with this observation. 


CH2BrCClsCH2CHCl. 
I 


It is conceivable that the by-product might be formed by the following homolytic 
mechanism: 
hv , . 
HBr —H+Br 
CH. CCl: + Br — CH2BrCCl. . 


CH.BrCCl. + CH:==CCl, > CH;2BrCCI:CH:CCI: > I 


It is consistent with Haszeldine’s observation that CF; radicals always add to the CH» 
end of RCH==CHz when R = CH;, Cl, F, COsCH3, CF3, or CN (4). Also, one of us has 
already reported that the addition of hydrogen bromide to trichloroethylene is very 
slow (5). 

Proof of the structure I was obtained by the following series of degradations. Dehalo- 
genation with zinc dust in ethanol proceeded vigorously to give a compound with the 
physical constants of a trichlorobutene—provisionally CH.—=CCICH2CHCl:. When the 
latter was stirred with 80% sulphuric acid it dissolved with evolution of copious fumes 
of hydrogen halide. On dilution of the reaction mixture with water a solid separated 
which, after purification, melted at 160—-161° C. It was neutral and contained no halogen. 
Comparison with 1,3,5-triacetylbenzene prepared as in reference (3) showed the two 
substances were identical. 

1Manuscript received January 25, 1957. 
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The formation of 1,3,5-triacetylbenzene from the trichlorobutere-can be rationalized 
by the sequence of reactions shown below: : 
Cl Cl 


® 
CH-==C—CH:CHCI: + H,O —+ CH;—C—CH:CHCI, 


O 
ru ¥ 
H 4H | 
Y 
. | 
CH;CO—CH.CHCl, <——__| CHsC—CH:CHCI: + H* 
| -HCI | OH al 
Vv 
CH,COCH=CHCI — CHsC—CH=CHCI 
Fe) 6 
a" 
H+| H H 
H 
~HCl La 
CH.COCH.CHO 4— CHsC=C—CC 
OH OH: 
an OOCH, 
3CH;COCH:CHO — CH,cCO_< > 
—cocu:; 


This scheme is entirely consistent with the behavior of chloro-olefins, 8-chloro-ketones, 
and formylacetone in the presence of acids. 

The structure of the trichlorobutene was confirmed by examining its oxidation with 
permanganate. An acid with a melting point of 54° C. and a neutralization equivalent of 
145 was isolated from the reaction mixture. This product appears to be identical with 
8,8-dichloropropionic acid, m.p. 56° C., prepared by Otto by the addition of hydrogen 
chloride to 8-chloroacrylic acid (7). 

Addition of deuterium bromide to 1,1l-dichloroethylene gave the corresponding 
deuterated halides III and IV. 


CH:-BrCDCl, CH.BrCCICH;CDCI, 
III IV 
Dehalogenation of III gave an excellent yield of deuterium-labelled vinyl chloride or 


1-chloroethene-1-d. The proton magnetic resonance spectrum of IV gave the same signal 
for two non-adjacent methylene groups as I. 


EXPERIMENTAL 
Hydrogen and Deuterium Bromides 
These gases were prepared in the apparatus described in reference (6). 


1,1-Dichloroethylene 


1,1,2-Trichloroethane was dehydrochlorinated with aqueous calcium hydroxide as 
described in reference (2). 
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Addition of HBr to CH.=CCl: 


1,1-Dichloroethylene (20.0 ml., 24.2 g.) was distilled on the vacuum line into a 500 ml. 
round-bottomed Pyrex flask containing a magnetized stirring bar. Hydrogen bromide 
(6.0 ml., 16.6 g.) was distilled into the line until the pressure was nearly one atmosphere. 
Absorption of hydrogen bromide took place only after the reaction flask was irradiated 
with ultraviolet light, and then only at the rate of about 1 ml. of liquid hydrogen bromide 
(measured at —78° C.) per hour. After 18 hours’ irradiation, absorption ceased. Unreacted 
hydrogen bromide and dichloroethylene were then pumped off. The reaction mixture 
was diluted with 30 ml. of methylene chloride, washed with 5% sodium bicarbonate, and 
dried over anhydrous potassium carbonate. The product was distilled in a column filled 
with glass helices. After the methylene chloride was distilled off, the temperature rose 
rapidly to 134° C. The yield of product, b.p. 134-135° C., n25 1.5054, was 22.4 g. (61.5%). 

The residue was distilled under reduced pressure in a short Vigreux column. It came 
over almost entirely between 56° and 57° C. under 0.25 mm., 2) 1.5349, n¥ 1.5325. The 
yield was 16.2 g. (31.6%). Calc. for CsHsBrCl,: C, 17.4%; H, 1.82%. Found: C, 17.0%; 
H, 1.86%. 

In later experiments the reaction was carried out in a 500 ml. round-bottomed quartz 
flask. Addition of hydrogen bromide took place much more rapidly but the yield of high- 
boiling by-product was much lower. Slow addition of hydrogen bromide appears to favor 
a higher yield of the halobutane. 


Degradation of I 

The compound (4.0 g.) was stirred under a reflux condenser in 15 ml. of ethanol with 
2.0 g. of zinc dust. In a minute or two a vigorous reaction took place. After it had been 
stirred for half an hour longer the alcohol and other volatile material were pumped off 
and condensed in a stock trap cooled to —78° C. in dry ice and acetone. The distillate 
was poured into 50 ml. of water and the oil extracted with 10 ml. of methylene chloride. 
After the solution had been dried over calcium chloride to remove alcohol and water the 
solvent was evaporated and the residue distilled into a trap on the vacuum manifold 
under 0.1 mm. pressure. The yield of distillate, b.p. 125-127° C., 3° 1.4770, was 1.7 g. 

The product was shaken at intervals with 5.0 ml. of conc. sulphuric acid diluted with 
1 ml. of water. Copious fumes of hydrogen halide were evolved. After a day the dark 
sirupy liquid was diluted to 20 ml. with water and allowed to stand in the refrigerator. 
The pale yellow precipitate that separated was filtered off and recrystallized from dilute 
ethanol, using carbon black to decolorize the solution. Small white plates, m.p. 
160-161° C., separated on cooling. The substance was neutral and gave a negative 
Beilstein test. 
1,3,5-Triacetylbenzene 

The compound was prepared as described in Organic Syntheses (3) scaled down to 
1/50. The product melted at 160-161° C. alone and on admixture of the degradation 


product derived from I. The latter is therefore almost certainly 1-bromo-2,2,4,4-tetra- 
chlorobutane. 


Oxidation of the Trichlorobutene 

Trichlorobutene (2.7 g.) wasstirred with 100 ml. of 2% aqueous potassium permanganate 
at room temperature. Solid potassium permanganate was added in small portions (1.0 g.) 
until the purple color persisted after the stirring had been continued for half an hour. 
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Excess permanganate was destroyed by adding a drop or two of the chloro compound 
and again stirring. The manganese dioxide was filtered off and the filtrate evaporated 
nearly to dryness under reduced pressure. The residue was acidified with 12 N sulphuric 
acid and extracted with 50 ml. of ether. The ether solution was dried over anhydrous 
sodium sulphate and then freed of solvent. When the last traces of ether had been re- 
moved under reduced pressure the yellowish residue crystallized. It was purified by 
recrystallization from petroleum ether, m.p. 54° C., yield: 0.5 g. 

The neutralization equivalent of the acid was determined by titrating 0.2080 g. with 
N/10 sodium hydroxide using phenolphthalein as indicator. The volume of alkali con- 
sumed was 14.3 ml. Neutralization equivalent, 145. Calc. for CHClx,CH2COzH, 143. 

8,8-Dichloropropionic acid is reported to melt at 56°C. (7). The chloro-olefin is 
therefore 2,4,4-trichloro-1-butene, CH2—=CCICH.2CHCls. 


Addition of DBr to CH.=—CCl, 


The experiment was carried out essentially as described for the light compound. 
1-Bromo-2,2-dichloroethane-2-d was isolated in 64% yield. The deuterated halobutane 
was also isolated from the reaction mixture as already described. 


1-Chioroethene-1-d 


1-Bromo-2,2-dichloroethane-2-d (4.7 ml., 6.0 g.) was added slowly dropwise to a boiling 
suspension of zinc dust (10 g.) in 40 ml. of ethanol. The vinyl chloride evolved from the 
condenser was condensed in a spiral trap cooled to —78° with dry ice and acetone. The 
yield was 2.3 g. Its Raman spectrum was examined by Evans and Bernstein (1). 
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THE INFRARED CARBONYL STRETCHING BANDS OF RING 
SUBSTITUTED ACETOPHENONES'! 


R. NORMAN JONEs, W. F. FORBES, AND W. A. MUELLER? 


ABSTRACT 
An examination has been made of the carbonyl stretching bands in the infrared spectra of 
acetophenone derivatives substituted in the aromatic nucleus. The positions, integrated 
absorption intensities, and widths of the bands have been measured in carbon tetrachloride 
solution. The variation of these quantities is discussed in relation to the nature and position of 
the substituent group. 


INTRODUCTION 


The C=O stretching band in the infrared spectra of carbonyl compounds occurs 
normally between 1850 and 1650 cm.~'. Its po ‘tion in this range depends primarily 
on the force constant of the C=O bond, and only »a lesser extent on the masses attached 
to the carbon atom. The C=O force constant is determined by the distribution of 
electrons in and around the linkage. At present it is not possible to evaluate this electron 
distribution accurately by quantum mechanics, although some studies directed to this 
end have been made (4). Experimentally some insight into the problem can be gained 
by comparison of the bands in series of related compounds, and pending the development 
ot an adequate quantum mechanical treatment we can discuss the influence of small 
changes in molecular structure on the C=O frequency in terms of the following factors: 

(a) Mesomeric effects associated with electron mobility acting along systems of 

conjugated bonds. 

(b) Inductive effects determined by nuclear charges acting along the bonds. 

(c) Electrical field effects associated with nuclear charges acting on the C=O bond 

across space. 

(d) Steric effects, especially those associated with van der Waals repulsions between 

vicinal non-bonded atoms. 

(e) Hydrogen bonding. 

(f) Other environmental factors, notably solvent-solute interactions in solution and 

lattice forces in crystals. 

(g) Mass effects of a-substituents. 


It is convenient to treat these factors as though they acted independently on the car- 
bonyl group, but they must, in fact, interact with one another in a complex manner. 

This paper is concerned with the spectra of acetophenone derivatives substituted at 
the ortho, meta, and para positions. The positions of the absorption maxima, the inte- 
grated absorption intensities, and the widths of the C=O stretching bands have been 
measured in carbon tetrachloride solution; the effects of the type and position of the 
substituent on these quantities are analyzed qualitatively in terms of the factors (a)- 
(g) outlined above. 
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EXPERIMENTAL 


The spectra were measured in carbon tetrachloride solution in‘a 1 mm. cell using a 
Perkin-Elmer Model 112 double pass single beam spectrometer. A calcium fluoride 
prism was used providing a computed spectral slit width (S’) of 1.6 cm.—! (11(a)). The 
values reported for ymax are accurate to +1 cm.~!. The integrated absorption intensities 
(A) are reported in units of mole~. liter. cm.~? X 10* and were calculated from the 
equation 


A = K(1/cl) logio(T0/T) max: Avy X 2.303 X10 


where c is the concentration in moles per liter, / the cell length in cm., logio(To/T) max 
the optical density at the absorption maximum, and Ay, the band width in cm.“ at 
half maximal intensity. K is a constant dependent on the ratio S’/Av,. Ramsay has 
shown (10, 12) that for bands which conform to a Lorentz curve shape K may be taken 
as 4/2, provided S’/Av, < 0.2. In these spectra the narrowest band width was 8.6 cm.“! 
(Table IV) giving a ratio of 0.187 for S’/Av,. It was therefore assumed that the finite 
slit effect could be neglected and A was computed on the basis of K = 2/2. In a few 
compounds (o-nitro, o-chloro, and o-bromo derivatives) the band was resolved into a 
doublet and the intensities were computed by numerical integration following Ramsay’s 
Method II (10, 12). Intensities were computed separately for three solutions of each 
compound, and both the individual and mean results are given in the tables. A Perkin- 
Elmer heated cell assembly was used to obtain the spectra of the liquids at elevated 
temperatures. 

The compounds, if not commercially available, were prepared at the Memorial Univer- 
sity of Newfoundland by standard methods described in the literature, and purified by 
fractional crystallization, vacuum distillation, vacuum sublimation, or combinations of 
these techniques. Sample purity was checked by refractive index measurements. 


RESULTS AND DISCUSSIONS 


The compounds investigated contained methyl, fluoro, chloro, bromo, iodo, nitro, 
and amino groups. For acetophenone the maximum was observed at 1691 cm.~! with 
intensity 2.20 units. This is in good agreement with Barrow (2), who reported 1692 cm.—! 
for ¥max and 2.1 units for the intensity. Soloway and Friess (13) and Fuson, Josien, and 
Skelton (8) have also measured the band positions for several m- and p-substituted aceto- 
phenones, but no studies of the band intensities have been previously reported. 


Parasubstituted Acetophenones 


The values for ymax and A obtained for the parasubstituted compounds are given in 
Table I. The lowest frequency is observed for the p-amino group and the highest for the 
p-nitro group. Para halogenation has little effect on the band position. In Fig. 1, mmax 
is plotted against the Hammett reactivity constant (¢,) and the linearity of this relation- 
ship agrees with similar observations of earlier investigators (3, 8, 13) in demonstrating 
that the same combination of factors is responsible for both the shift in C—O stretching 
frequency and the reactivity. This is presumably the over-all electronegativity of the 
substituent, i.e. the algebraic sum of the mesomeric and inductive effects. Substituents 
like the p-amino group which force electrons into the benzene ring to stabilize the 
quinonoid structure I will reduce the double bond character of the C=O bond and lower 
the frequency. 








506 CANADIAN JOURNAL OF CHEMISTRY. VOL. 35, 1957 


TABLE I 


CARBONYL STRETCHING BANDS IN PARASUBSTITUTED ACETOPHENONES 
(Carbon tetrachloride solution) 








Integrated absorption intensity (a) 


























(mole™, liter. cm.~?X 10-4) €max 
Compound Vmax (cm.~!) 
Individual Mean Mean 
measurements 
p-Aminoacetophenone 1677 2.42, 2.36, 2.36 2.38 597 
p-Methylacetophenone 1687 2.44, 2.44, 2.43 2.44 685 
Acetophenone 1691 2.18, 2.26, 2.18 2.20 650 
p-Fluoroacetophenone 1692 2.18, 2.18, 2.16 2.17 656 
p-Chloroacetophenone 1692 2.29, 2.17, 2.27 : 2.25 637 
p-Bromoacetophenone 1693 2.27, 2.28, 2.16 2.24 639 
p-lodoacetophenone 1693 2.40, 2.37, 2.39 2.39 709 
p-Nitroacetophenone 1700 1.92, 1.97, 1.91 1.93 621 
+0.8F ‘+ 
8 
+0.6;- 
+04- 
6 
5 
LL o8 
+0.2 ? 
% 0 : 
= O° 
° 3 
- bo ° 
0.2 2 
-0.4- 
—-O0.6F | 
-0.8;- l i l ! | i ! Ll n l 
1680 1684 1688 1692 1696 1700 
Vinax (em~') 


F Fic.1. Plot of vmax against Hammett’s ¢, for parasubstituted acetophenones. I—NH:; 2—CH;; 3—H; 
4—F; 5—Cl; 6—Br; 7—I; 8—NO.- 


H;C O 
Ss 


The shift of —4.cm.— produced by the p-methyl group must be due to inductive and /or 
hyperconjugative effects, and the shift of +9 cm.—! for the nitro group to mesomeric and 
inductive effects reinforcing to withdraw electrons from the ring. The inductive and 
mesomeric effects of the halogen substituents are of opposite sign and the insensitivity 
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of the C=O frequency to these substituents must result from this compensatory action. 

Comparison of the maximal frequencies and the intensities in Table I does not suggest 
that there is any simple relation between the intensity and frequency shifts. It is 
notable that the halogen derivatives show significant intensity differences among 
themselves, the band in the p-iodo compound being 0.22 unit stronger than the p-fluoro 
band, with the intensity increasing in the sequence F < H < Cl~ Br < I. 

The failure of the band intensities to vary in the same sequence as the band frequencies 
must indicate that they are subject to a different combination of controlling effects. 
For the band positions we have evidence from the parallelism with the Hammett constants 
that the over-all electronegativity (7 + J effect) of the substituent is mainly involved. 
Barrow (2) has pointed out that for conjugated ketones the C—O stretching band in- 
tensity varies directly with the resonance energy of conjugation, and this, according to 
Bellamy (3), depends on the mesomeric effect alone. This reasoning leads to the con- 
clusion that the band intensity may be determined by the mesomeric effect alone and 
the band position by the combined mesomeric and inductive effects. This however is 
no more than an unconfirmed hypothesis and will be reconsidered in the concluding 
section of this paper. It should be noted here that if we accept this hypothesis we must 
infer that the combined mesomeric and inductive effects for all four halogens are very 
similar, but the mesomeric effect is strongest for iodine and weakest for fluorine. This 
differs from the sequence usually accepted (cf. Forbes and Ralph (7) and the references 
cited therein). 


Metasubstituted Acetophenones 


The data for the metasubstituted acetophenones are given in Table II. In Fig. 2 the 
peak frequencies are plotted against the Hammett ¢,, constants and show an excellent 
linear relationship. At the meta position the inductive effect will presumably be the 
major factor determining the C=O frequency shift, and it is consistent with this hypo- 
thesis that the m-amino group causes very little band displacement whereas the shift 
is large for the p-amino group. The nitro group produces a comparable displacement at 
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Fic. 2. Plot of vmax against Hammett’s o», for metasubstituted acetophenones. 1—NH:; 2—H; 3—F; 
4—Cl; 5—NO.- 
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TABLE II 


CARBONYL STRETCHING BANDS IN METASUBSTITUTED ACETOPHENONES 
(Carbon tetrachloride solution) 

















Integrated absorption intensity (a) 
(mole™. liter. cm.~? X 10~*) €max 
Compound Snax (cm.~) i 
Individual Mean Mean 
measurements 
m-Aminoacetophenone 1689 2.09, 2.20, 2.15 2.15 540 
Acetophenone 1691 2.18, 2.26, 2.18 2.20 650 
m-Chloroacetophenone 1696 1.82, 1.93, 1.94 1.90 616 
m-F luoroacetophenone 1696 1.69, 1.64, 1.64 1.66 533 
m-Nitroacetophenone 1701 1.97, 1.99, 2.11 2.02 645 





both the meta and para positions which indicates that at the para position there is 
probably an appreciable inductive contribution to the over-all electron withdrawal 
process. Data for the meta halogens are limited to the chloro and fluoro groups and 
both show the same displacement of +5 cm... 

The meta compounds all exhibit weaker bands than the corresponding para isomers, 
except in the case of the nitro group. This is in qualitative accord with Barrow’s views 
associating the band intensity with the resonance energy of conjugation (2, 3). The 
substituents which have a positive mesomeric effect (i.e. push electrons into the ring) 
will enhance the band intensity from the para position while the negative mesomeric 
effect of the p-nitro group will diminish it. 

It would be naive, however, to expect that the substitution effects can be described 
entirely in these simple terms. They provide no explanation for the extremely low band 
intensities in the m-fluoro and m-chloro compounds, or the high intensity in the p-methy] 
compound. 


Orthosubstituted Acetophenones 

The spectra of the orthosubstituted acetophenones are summarized in Table III. 
At the ortho position mesomeric and inductive effects will both be strong, and in addition 
there can be direct field effects (dipole-dipole interaction) between the substituent and 


TABLE III 


CARBONYL STRETCHING BANDS IN ORTHOSUBSTITUTED ACETOPHENONES 
(Carbon tetrachloride solution) 








Integrated absorption intensity 








(mole. liter. cm.~? X 10~*) — 
Compound Ymax (cm.~) —— 
Individual Mean Mean 
measurements 
o- Aminoacetophenone 1653 2.38, 2.52, 2.53 2.48 549 
o- Methylacetophenone 1690 1.45, 1.39, 1.44 1.43 337 
Acetophenone 1691 2.18, 2.26, 2.18 2.20 650 
o-Fluoroacetophenone 1692 1.98, 1.95, 1.98 1.97 490 
o-Chloroacetophenone 1702, 1694 2.22, 2.19, 2.20 2.20° 216 
o-Bromoacetophenone 1706, 1702 2.90, 2.94, 2.96 2.93 267 
o- Nitroacetophenone 1712, 1702 1.42, 1.37, 1.42 1.40 183 
2,3,5,6-Tetramethyl- 
acetophenone 1704 2.23, 2.23, 2.27 2.24 353 
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the acetyl group. Steric effects and field effects may both act to stabilize preferentially 
one or other of the two planar conjugations II, III, or non-planar configurations in 
which the acetyl group is rotated with respect to the benzene ring. 


O CH; H;C O 
~~ cp ™ 
| x mcommsesnall | Re 
~~ iN 
\ JZ (max low?) \ J (max high?) 
X = Cl, Br, NO; 
II (s-trans) III (s-cis) 


In the o-methyl compounds the substituent is large and steric factors are dominant. 
The C=O maximum for o-methylacetophenone is at 1690 cm. but in 2,3,5,6-tetramethyl- 
acetophenone ymax is increased to 1704 cm.~!. In the tetramethyl compound strong van 
der Waals repulsions between the o-methyl groups and the acetyl methyl cause the 
acetyl group to take up a non-planar configuration; the position of minimum potential 
energy is probably close to perpendicular to the plane of the ring, since the C—O fre- 
quency is near to that of an aliphatic ketone. In acetophenone and o-methylacetophenone 
the position of the C=O maximum is practically the same, from which we may infer 
that o-methylacetophenone can accommodate itself in a planar s-cis configuration (III). 
The same argument has been advanced to account for differences between the ultra- 
violet spectra of these compounds (4, 5); it does not explain however why the intensity 
of the o-methylacetophenone band is so low. 
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Fic. 3. C=O stretching band in infrared spectrum of o-chloroacetophenone (CCl, soln.). 
Fic. 4. C=O stretching band in infrared spectrum of o-bromoacetophenone (CCI, soln.). 
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The spectra of the o-chloro, o-bromo, and o-nitro derivatives are of particular interest, 
as they all exhibit two maxima in carbon tetrachloride solution. (Figs. 3-5.) These 
doublets are probably associated with an equilibrium between the s-trans and _ s-cis 
isomers, similar to that observed by Allen and Bernstein for furfural (1). The effect of 
temperature change on the spectra of the liquid o-bromo and o-nitro derivatives is 
shown in Figs. 6 and 7. The o-chloro compound proved to be too volatile for similar 
study. The satellite band occurs on the low frequency side of the main peak in the 
o-bromo and o-nitro compounds, and is not as well resolved for the pure liquids as for 
carbon tetrachloride solutions; nevertheless, the presence of the second band is demon- 
strated in Figs. 6 and 7 by reflecting the higher frequency part of the band envelope 
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Fic. 5. C=O stretching band in infrared spectrum of o-nitroacetophenone (CCI, soln.). 


about an ordinate through the absorption maximum, and subtracting the image from 
the observed curve. The resultant differential curve does not necessarily provide a true 
quantitative representation of the secondary component band, but it does demonstrate 
that the contribution of this component diminishes with increasing temperature in a 
reversible manner. To assure that the curve asymmetry is genuine these spectra were 
obtained by scanning both from low to high and from high to low frequency when no 
difference in the curve shape was observed. 

In the s-c?s form (III) the C=O and C—X dipoles will be aligned in the same direction, 
resembling the arrangement in the equatorially a-halogenated cyclohexanones, where 
the halogen is known to raise the C=O frequency (9, 11(0)). This would suggest that 
the higher frequency maximum is to be assigned to the s-cis isomer (III). The temperature 
dependence measurements would then indicate greater thermodynamic stability for 
the s-trans isomer (II) since the low frequency band augments as the temperature 
falls. 

In addition to this electrostatic charge effect, a purely steric factor may also play a 
part in determining the energetics of this equilibrium. Although the chlorine and bromine 
atoms are smaller than the methyl group, they may still be large enough to exert signi- 
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Fic. 7. Effect of temperature on C=O stretching band in infrared spectrum of o-nitroacetophenone 
(pure liquid). (See Fig. 6.) 


ficant van der Waals repulsion with the acetyl methyl group in the s-trans configuration 
II. The equilibrium between the two species in the cases where X = Cl, Br, NO. must 
depend on the approximate equivalence of the X . . . CH; repulsive force associated with 
II (largely steric), and the X ...O repulsive force associated with III (largely electro- 
static). 

These arguments would suggest that o-fluoroacetophenone might also exhibit a doublet 
spectrum, but there is no evidence for this. In this compound the electrostatic repul- 
sion between the fluorine and oxygen atoms in the s-cis configuration III will be greater 
than that associated with the heavier halogen atoms, whereas the steric repulsion in II 
will be less because of the smaller atomic radius. The combination of these factors may 
suffice to reduce the equilibrium concentration of the s-cis isomer to negligible propor- 
tions. The C=O maximum for o-fluoroacetophenone is at 1692 cm.—', suggesting a corres- 
pondence with the /ower frequency band in the o-chloro and o-bromoacetophenone spectra. 
In this connection we may note also that the band of lower frequency is the more in- 
tense in the o-chloro compound, but the higher frequency component is stronger in the 





512 CANADIAN JOURNAL OF CHEMISTRY. VOL. 35, 1957 


o-bromo compound. This is consistent with the above arguments in indicating increasing 
stabilization of the s-cis configuration with increasing size of the halogen atom. 

It has been tacitly assumed above that both the s-cis and s-trans configurations are 
truly planar. This of course need not be so; the balance of the van der Waals and electro- 
static forces in either configuration may be such as to produce wells of minimum potential 
energy associated with torsional displacements of the acetyl group from the planar 
configurations of II and III. If these torsional displacements differ appreciably for the 
quasi s-cis and quasi s-trans structures, the conjugation between the carbonyl group 
and the ring will be modified and this will provide an additional factor influencing the 
C=O frequency. 

The C=O frequency for 0-aminoacetophenone occurs down at 1653 cm.~! and this 
compound probably exists as the s-cis isomer, stabilized by internal hydrogen bonding 
(IV). 

H;C O 
ail 


Si 
Ss" 
( Y ™ 
\4 


IV 


Band Widths 
The band widths at half maximal intensity are listed in Table IV. The variation 
among the meta and para derivatives is small (8.6-9.8 cm.~') except for the amino 
compounds. 
TABLE IV 


WIDTHS OF CARBONYL STRETCHING BANDS IN THE INFRARED 
SPECTRA OF ACETOPHENONE DERIVATIVES? 


(Carbon tetrachloride solution) 











Compound Avz (cm.*) 
Acetophenone 9.4 
o-Methylacetophenone 11.5 
o-Fluoroacetophenone 11.2 
o-Chloroacetophenone 6 
o-Bromoacetophenone 6 
o-Aminoacetophenone 12.6 
o-Nitroacetophenone b 
m-F luoroacetophenone 8.6 
m-Chloroacetophenone 8.6 
m-Nitroacetophenone 8.7 
m-Aminoacetophenone 11.0 
p-Methylacetophenone 9.8 
p-Fluoroacetophenone 9.2 
p-Chloroacetophenone 9.8 
p-Bromoacetophenone 9.7 
p-Iodoacetophenone 9.4 
p-Aminoacetophenone 11.1 
p-Nitroacetophenone 8.6 
2’,3’,5’,6’-Tetramethylacetophenone 7.6 





*Determined at a computed spectral slit width of 1.6 cm.—. 
’Doublet spectrum. 
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The ortho compounds have wider bands, and we can recognize two likely causes. Cases 
may arise where the s-cis and s-trans stereoisomers occur in equilibrium, but with in- 
sufficient frequency separation to allow of resolution into two bands. Band broadening 
could also occur through torsional displacement of the acetyl group; this may produce 
excited molecules for which C=O frequency would be slightly displaced. Since the 
energy associated with such torsional excitation would be small, these excited states 
would be appreciably populated at room temperature. If the molecule is planar in the 
ground state this type of excitation should induce asymmetry only on the high frequency 
side of the band envelope. 


CONCLUSIONS 


While it is possible to rationalize the observed behavior of most of these spectra in 
an ad hoc fashion, it is difficult to generalize from such observations, as several variables 
are involved, none of which can be evaluated separately. This problem cannot be resolved 
until a more rigorous evaluation of the C=O force constant is achieved. The C=O 
frequency shifts associated with meta and para substitution are clearly determined by 
the same combination of factors that control chemical reactivity, insofar as this can 
be identified with the Hammett constants. The orthosubstituted acetophenones demon- 
strate the existence of s-cis s-trans stereoisomers and an analysis of the band displace- 
ments suggests that the infrared spectra may provide a means of distinguishing between 
these. 

The band intensities are variable, but the total range of variation from 1.4 to 2.9 is 
small when compared with the range from 0.1 to 18.4 observed by Thompson and Steel 
for the —C=N stretching band in similarly substituted benzonitriles (15).* In a qualitative 
fashion the C=O band intensities are consistent with Barrow’s contention that the 
intensity is related to the resonance energy of conjugation. However, attempts to for- 
mulate this quantitatively have been unsuccessful. There is no suggestion of regularity 
when C=O band intensities for the parasubstituted acetophenones are plotted against 
op — Om, although this quantity might be expected to provide an approximate index of 
the contribution of mesomerism to the over-all electronegativity of the parasubstituent. 
Plots of the band intensities against the functions o*, (¢,—o’), and (¢,—o’) derived 
by Taft, Roberts, and Moreland (14) all failed to exhibit significant linearity, although 
o* should be proportional to the inductive effect of the substituent, and (¢,—o’) and 
(¢,—o’) to the mesomeric effect. 

Thompson and Steel (15) observed a linear relationship when log A was plotted 
against the Hammett o functions for the substituted benzonitriles, but a similar plot 
of our acetophenone data showed a wide scatter. 
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NOTES 





THE PREPARATION OF METHYL BISNORCHOLANATE! 
D. J. WHITTINGHAM? AND R. NORMAN JONES 


Considerable ambiguity exists in regard to the characterization of bisnorcholanic 
acid (1) and its methyl and ethyl esters. 





(I) 


The first preparation of these substances was reported by Wieland, Schlichting, and 
Jacobi (9). These investigators described no less than five distinct isomers of bisnorcho- 
lanic acid, viz. 

(i) a-Bisnorcholanic acid, m.p. 214° C.; [a]p —7.5°. Ethyl ester, m.p. 106-107° C. 

(ii) B-Bisnorcholanic acid, m.p. 242° C.; [a]p +23°. Ethyl ester, an oil. 

(iii) y-Bisnorcholanic acid, m.p. 210—211° C.; [a]p indefinite. Ethyl ester, m.p. 82—83° 

C.; methyl ester, m.p. 117° C. 
(iv) 6-Bisnorcholanic acid, m.p. 184° C.; [a]p +32°. Methyl ester, m.p. 99° C. 
(v) e-Bisnorcholanic acid, m.p. 181° C.; [a]p +14°. Methyl ester, m.p. 123° C. 


Subsequently Hollander and Gallagher (5) described two compounds obtained by 
the oxidation of A**-norcholenyl methyl ketone which they identified with Wieland’s 
B and e isomers. 

In connection with a systematic study of the infrared spectra of bile acid derivatives 
we have recently prepared methyl bisnorcholanate from methyl 3a-hydroxycholanate 
by the two independent routes outlined below; both methods give an identical product, 
and under no circumstances have we been able to induce isomerization. 





MEtuHop I 
Barbier—Wieland 
Methy! 3a-hydroxycholanate —> Methyl 3a-hydroxynorcholanate 
, degradation 
Barbier- 
Wieland 
degradation 
[O} 





Methyl 3-ketobisnorcholanate Methyl 3a-hydroxybisnorcholanate 


Wolff—Kishner 
reduction 


Methy! bisnorcholanate 


1Issued as N.R.C. No. 4301. 
2N.R.L. Postdoctorate Fellow. 
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MetuHop II 


[O] 
Methy! 3a-hydroxycholanate 





Methy! 3-ketocholanate 


| Wolff—Kishner 
y reduction 


Methyl cholanate 


| Barbier- 
| Wieland 
ydegradation 


Barbier—Wieland 
Methy! bisnorcholanate < Methy! norcholanate 
degradation 





Our compound is characterized by the infrared spectrum shown in Fig. 1 and has 
m.p. 126-127° C.; [a]p +11°. The final step in our preparation by Method I involved 
a Wolff—Kishner reduction, i.e. treatment with alkali at 200° C., yet the product obtained 
is the same as that by Method II, where the final stage is the Barbier—Wieland degrada- 
tion of methyl norcholanate. Furthermore, our methyl bisnorcholanate failed to epimerize 
under a variety of alkaline conditions. The bisnorcholanic acid obtained on hydrolysis 
of our methyl ester had m.p. 190-195° C.; [a]p +5.5° C.; and differs from any of the 
five products reported by Wieland. 











Cm>'! 
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Fic. 1. Infrared spectrum of methyl bisnorcholanate. (Perkin-Elmer Model 21 spectrophotometer; 
CS, solution; 1 mm. path length; 12.3 mg. per ml.) 


A sample of one of the bisnorcholanic acids (m.p. 196-201°; [a]lp +19.5°) isolated 
by Hollander and Gallagher was available from these investigators. The infrared spectra 
in carbon disulphide and chloroform solutions were very weak and in no respect com- 
parable with the spectrum of the product described in our investigation. A sample of the 
methyl ester, m.p. 65-66°, prepared by Hollander and Gallagher, while it exhibited 
absorption at 1739 cm.—!, could not be compared with the product obtained in the 
present investigation because the amount of material was so small that only a very 
weak spectrum was obtained. 

These observations led us to conclude that the products described by the earlier 
investigators were not bisnorcholanic acids. 
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EXPERIMENTAL 


All melting points have been corrected. The specific rotations were determined in 
chloroform solution unless otherwise stated; the concentrations in: grams per 100 ml. 
of solution are indicated in parenthesis. 


Method I 


3a-Hydroxycholanic acid (100 g.) was esterified by the Fischer-Speier method. The 
crude ester was treated with 700 ml. of boiling methanol and the product filtered while 
hot to remove insoluble impurities. When cooled the filtrate deposited 76.5 g. of methyl 
3a-hydroxycholanate, m.p. 128-129° C. 

Methyl 3a-hydroxycholanate (58.0 g.) was degraded to 3a-hydroxynorcholanic acid 
by the method of Hoehn and Mason (4) with the exception that benzene was used as 
solvent in the oxidation stage, in place of chloroform. Esterification of the acid yielded 
24.0 g. of methyl 3a-hydroxynorcholanate. A sample recrystallized from methanol- 
water melted at 137-137.5° C.; [alp +36° (c, 1.13). Sawlewicz and Reichstein (8) report 
a melting point of 117—118° C., and Reindel and Niederlander (7) report one of 99-100° C. 

Methyl] 3a-hydroxynorcholanate (24.0 g.) was degraded to 12.3 g. of 3a-hydroxybis- 
norcholanic acid in exactly the same manner as described above for the degradation of 
methyl 3a-hydroxycholanate. 

3a-Hydroxybisnorcholanic acid (5.0 g.) was oxidized by Fieser’s method (3) to give 
the 3-keto derivative, which after esterification, chromatography on alumina, and three 
recrystallizations from methanol yielded 796 mg. of methyl 3-ketobisnorcholanate, m.p. 
164-164.5° C.; [a]p +22° (c, 1.42). Anal. Calc. for C23H303: C, 76.62; H, 10.07. Found: 
C, 76.27; H, 9.91. 

Crude 3a-hydroxybisnorcholanic acid (4.6 g.) was oxidized as described heretofore, 
and the 3-ketobisnorcholanic acid so obtained was subjected to a Wolff—Kishner reduc- 
tion as modified by Huang-Minlon (6). Esterification with diazomethane, chromatog- 
raphy on alumina, and four recrystallizations from ethanol gave 610 mg. of methyl 
bisnorcholanate, m.p. 126—127° C.; [alp +11° (c, 1.16). Anal. Calc. for C23;H3s02: C, 79.71; 
H, 11.05. Found: C, 79.88, 79.70; H, 11.01, 11.29. 


Method II 

Methyl 3a-hydroxycholanate (50.0 g.) was oxidized to methyl 3-ketocholanate (1), 
and the latter compound yielded 41.0 g. of methyl cholanate after a modified Wolff- 
Kishner reduction (6) and esterification with 1% hydrogen chloride in methanol. 

Successive Barbier-Wieland degradations (2, 9), of methyl cholanate and methyl 
norcholanate, produced 2.8 g. of crude bisnorcholanic acid. After esterification with 
diazomethane, chromatography on alumina, and three recrystallizations from ethanol, 
the compound melted at 124—125.5° C.; [a]p +10° (c, 1.44). On admixture with a speci- 
men of methyl bisnorcholanate prepared by Method I, the melting point was 125- 
126.5° C.; the infrared spectra of the two preparations were identical. 


Attempted Isomerization Experiments 


(i) Methyl bisnorcholanate, 350 mg., was dissolved in 100 ml. of absolute methanol, 
to which was added 3 ml. of 1 N sodium methoxide. The solution was allowed to stand 
at room temperature for 2.5 hours; acidification with dilute sulphuric acid, dilution 
with water, extraction with ether, and recrystallization from ethanol gave 228 mg. of 
compound, m.p. 124-126°C. A mixed melting point determination with authentic 
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methyl bisnorcholanate showed no depression; the infrared spectrum was identical with 
that of the original ester. 

(ii) Methyl bisnorcholanate, 350 mg., was heated under reflux for 2 hours in 30 ml. 
of absolute methanol containing 3 ml. of 1 N sodium methoxide. The reaction mixture 
was worked up as described in Experiment (i), 299 mg. of a compound being obtained 
m.p. 124-125.5° C. This compound was identical with methyl bisnorcholanate as was 
shown by a mixed melting point determination and by a comparison of the infrared 
spectra. 

(iii) Methyl bisnorcholanate, 235 mg., was allowed to stand at room temperature 
for 2 hours in 15 ml. of 95% ethanol containing | ml. of 3 N sodium hydroxide. The 
solution was then heated under reflux for 2 hours; the isolation procedure was the same 
as that described in Experiment (i). Again the product (252 mg.; m.p. 123-124° C.) 
was identical with the starting material as was shown by a mixed melting point determina- 
tion and by a comparison of the infrared spectra. 


Bisnorcholanic Acid 

Methyl bisnorcholanate was heated under reflux for 7 hours in the presence of alcoholic 
base. The product was recrystallized four times from acetic acid—water and a fifth time 
from ethanol, m.p. 190-195° C.; [alp +5.5° (c, 1.10 in 95% ethanol). Re-esterification 
with diazomethane gave the original ester in quantitative yield, m.p. 124-125.5° C. 
(no depression of melting point on admixture with authentic methyl bisnorcholanate; 
identical infrared spectra). 
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